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TELEPHONY 


For years the accepted way to connect wires to telephone appa- 
ratus was with solder. Now, Bell Laboratories engineers have discov- 
ered how to make connections faster and better—without solder. 


Solder, they reasoned, wouldn't be needed if wire and terminal 
could be kept tightly pressed together. But, for economy, this had to 
be done with the wire alone—without complicating screws and springs. 


o They found the answer in using a properly dimensioned terminal 
with sharp edges ... whipping the wire around it under high tension. 
The terminal bites into the wire, locking it securely into position. There- 
after the squeezed edges maintain a contact pressure of at least 15,000 
pounds per square inch—even under vibration that cracks soldered joints. 


The new connections can be made in half the time—a big money- 
| saver in the billion connections that Western Electric makes each year 
fi for the Bell System. It’s another example of the way Bell Telephone 
Laboratories works continually to keep costs low. 


BELL TELEPHONE 
LABORATORIES 


‘ IMPROVING TELEPHONE SERVICE FOR AMERICA PROVIDES 
CAREERS FOR CREATIVE MEN IN MECHANICAL ENGINEERING 


A solderless connection, enlarged 15 time 
Connections are more uniform than solder 
ones and only half as bulky. 
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Kinetics of the Dissolution of Copper in Aqueous Ammonia’ 


J. HALPERN 


University of British Columbia, Vancouver, Canada 


ABSTRACT 


Copper reacts readily with aqueous ammonia in the presence of oxygen, as follows: 
Cu + 140. + 4NH; (aq) + HOH — Cu(NH;),*+ + 20H-. 


The kinetics of this reaction were investigated over a wide range of NH; and NH,* 
concentrations, oxygen pressures, temperatures, and stirring velocities. The rate of 


dissolution was proportional to the surface area of the copper, and, at low oxygen pres- 
sures, was determined by the transport of dissolved oxygen to the surface. When the 
pressure of oxygen, above the solution, was increased, the chemical reaction at the sur- 
face became rate-controlling. Two dissolution reactions were found to proceed sini '!- 
taneously and with independent rates, which were first order with respect to the con- 
centrations of NH, and NH,", respectively. Both were independent of the concentration 
of oxygen. Mechanisms have been proposed for these reactions, consistent with the ob- 


served reaction products and kinetic results. 


INTRODUCTION 


In the presence of oxygen, copper dissolves 
radily in aqueous ammonia in accordance with the 
following reaction: 


u + 4NH,(aq) + + 
Cu(NH,),** + 20H- (1) 


Earlier investigations of the kinetics of this 
eaction (1-3) have provided conflicting information 
bout the reaction order and about the roles of 
mmonia, oxygen, ammonium ion, and cupram- 
monium ions in the reaction. For example, Yamasaki 
|) reported autocatalysis by cuprammonium ions, 
ind found the rate of dissolution to be independent 
f the concentrations of ammonia or of salts in the 
olution. On the other hand, Lane and McDonald 
3), in a more recent study, failed to observe any 
vidence of autocatalysis, and found instead a strong 
dependence of the rate on ammonia concentration. 
The effect of oxygen pressure on the rate has also 
heen variously described, and all the earlier investi- 
gators found that the rate increased markedly with 
‘tirring velocity, indicating that it was controlled, 
in part at least, by the transport of oxygen through 
the solution to the copper surface. Another feature 
observed (1) was the formation of a coating of in- 
soluble products on the copper surface at low am- 
monia concentrations. Diffusion of the reactants or 


‘Manuscript received February 9, 1953. This paper was 
prepared for delivery before the Montreal Meeting, Octo- 
ver 26 (0 30, 1952. Contribution from the Department of 
Mining and Metallurgy, University of British Columbia. 
This work was supported by funds provided by the Atomic 
Energy Control Board and administered by the National 
Researe!, Council of Canada. 


products through such a film might also contribute 
to determining the rate of the reaction. _ 

Complicating features, such as these, might have 
been responsible for the discrepancies in the ob- 
servations of earlier workers, for it is well known 
that when a physical process, such as diffusion of a 
reactant, controls the rate of a chemical reaction, 
the effect on the rate, of other variables and of 
the concentrations of other reactants, is masked, 
and kinetic results provide little information about 
the mechanism of the reaction. 

In view of this, it appeared desirable to re-in- 
vestigate the kinetics of this reaction under con- 
ditions where the chemical process itself was rate- 
controlling, where no insoluble products were 
formed, and where the transport of oxygen to the 
copper surface was sufficiently fast that it did not 
influence the rate. The last condition is particularly 
important and was achieved, in the present study, by 
maintaining a high partial pressure of oxygen above 
the solution. This permitted the kinetics of the 
reaction to be investigated over a wide range of 
ammonia and oxygen concentrations, together with 
the examination of other variables such as pH, 
temperature, stirring velocity, and the concentra- 
tions of NH,* and other salts. 


EXPERIMENTAL 
Materials 


Reagent grade ammonia and other chemicals used 
in making up the solutions were supplied by Nichols 
Chemical Company. Oxygen was supplied in 
cylinders by Canadian Liquid Air Company and 
used without further purification. Pure copper, in 
the form of rods of 1.59 em diameter, was supplied 


ae. 
~ 
~ 
a 
. 
: 
a & 
re 
or 
Note 
1 Con 
ontat 
rosive 
pat a 
J 
Be! 
he 
| ‘ 
bing 
actio 
cou 421 
oppet 
tor 
late 
‘al 


4 


» 


422 JOURNAL OF THE ELECTROCHEMICAL SOCIETY Oc her 


by Anaconda Copper and Brass Company. Spectro- 
graphic analysis’ indicated a purity of 99.98+ 
per cent. The rods were cut into disks about 1 em 
thick, which were mounted in Bakelite to insulate 
them electrically and to leave exposed only a desired 
surface cross section of copper, normally 2.0 em* 
in area. This surface was polished prior to measure- 
ment of the dissolution rate. Alternative methods of 
preparing the surface, such as etching with NH, 
or HNO, were found to give identical dissolution 
rates. 


Apparatus 
The apparatus used in this study is described in 
Fig. 1, and was constructed entirely of stainless steel, 
which was inert to the solutions used. The vessel 
measured 7 in. ID by I1 in. in height, and was 


Fic. 1. Diagram of stainless steel pressure vessel and 
internal parts. A—Heating coil; B-—stirrer; C—gas inlet 
tube; D—sampling tube; E—thermometer well; F—copper 
specimen in Bakelite mount. 


designed for pressures up to 10 atm. The Bakelite 
mount containing the insulated copper specimen 
was held by a stainless steel rod, so that the copper 
surface was exposed to the solution about 5 mm 
above the blade of the stirrer. The stirrer was 10.9 
em in diameter and its speed of rotation could 
be varied from 400 to 900 rpm. A volume of 3 liters 
of solution was norrhally used, and its temperature 
maintained to within +0.5°C of a given value, by 
passing steam or cooling water through the coil, A. 
The pressure of oxygen, above the solution, was 
controlled with a standard gas regulator, allowing 
for the partial pressures of water and ammonia. 


Procedure 


The course of the reaction was followed by with- 
drawing samples of the solution through the tube, 


* Kindly carried out by Department of Mines, Victoria, 
British Columbia. 


100, 
D, at measured time intervals, and detern, thing Mpducts > 
concentration of dissolved copper by the ¢. rhanfimected | 
method (4) using a Beckman Model DU Specifam excess 
photometer. From these values and the ky(mp(. the 
volume of solution and surface area of copper, #oluble 
amount of copper dissolved per unit area of syyiflfb{ace. 


could be calculated. Ammonia concentrations 

measured by potentiometric titration with stand kf 
HCl. Each experiment lasted between 3 and 6 )oM\east! 
during which approximately 10-* moles/1 of of 
dissolved. This amount was insufficient to cays fe rate 
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Fic. 2. Rate curves for the dissolution of copper in « The 
ous ammonia at various oxygen pressures. Total NI, oe 
mole/l; temperature, 26°C; stirrer velocity, 660 rpm. , 

CO 
appreciable change in the concentration of amgpch e 
monia through the formation of Cu(NH,),**. res} 


Rate Curves and Products of the Reaction 


Rate curves for the dissolution of copper | 
ammonia were always of the form shown in Fig @@ lat 
The amount of copper dissolved was proportions! 
the reaction time, indicating zero order reacti@jspec 


kinetics at constant oxygen and ammonia concenii™ ig 
tions. Reaction rates were calculated from 
slopes of these plots, and were generally found to! 
reproducible to within +5 per cent in dupli 
experiments. 


The only reaction products observed 
Cu(NH,),*** and ions, in agreement W! 
equation (I). No intermediate oxidation-reducti 

*Cupric ions exist predominantly as the tetram! 


complex, Cu(NH,),** in solutions containing NH, 
of 10°* m/1 [see References (5) and (6)}. 
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ucts such as peroxide or cuprous ions could be 
veted in the solution. With NH, concentrations 
oycess Of 0.2 mole/l and at temperatures below 
(’. there was no indication of the formation of 
sluble copper oxides or salts on the copper 


ace. 
hiffect of Surface Area and Solution Volume 


\leasurements of the effect of apparent surface 
» of the copper and of the volume of solution on 
rate of dissolution are summarized in Table I. 
wy show the total rate of dissolution (mg Cu/hr) 
be independent of the volume and directly 
»portional to the surface area. This indicates that 
» rate-controlling step of the reaction occurs at the 
pper surface rather than homogeneously in the 
ution. All the kinetic results in this paper are 
pressed as specific rates (mg Cu/em*/hr) and are 
us independent of both the solution volume and 
pper surface area. 


ABLE I. Effect of surface area and solution volume on the 
rate of dissolution of copper 


mp: 26°C; solution: NH;—0.5 mole/1; O» partial pressure : 
7.8 atm; stirring velocity: 660 rpm. 


Rate of dissolution of copper Specific rate 
liters me/l/hr mehr me/om?/ hr 

2.0 2.0 27.5 55.0 27.5 
20 3.0 20.0 60.0 30.0 
2.0 1.0 13.5 54.0 27.0 
2.0 5.0 13.8 64.0 32.0 
1.0 3.0 40.5 121.5 30.4 

g rate 29.4 


The fact that zero order reaction plots were 
vays obtained indicates that the surface area of 

copper remains substantially constant during 
wh experiment. Otherwise, a change in the rate 
responding to a deviation from the linearity of 
« rate plot would be observed. 


Effect of Oxygen 


ate curves showing the effect of varying the 
vgen pressure and the concentration of ammonia, 
spectively, on the dissolution of copper, are shown 
Fig. 2 and 3. The variations are summarized in 
&. 4 where the rates at different ammonia con- 
‘utrations are plotted as functions of the oxygen 
rssure. No dissolution of copper occurred in the 
sence of oxygen. At low oxygen pressures, the rate 
directly proportional to the pressure, and in- 
pendent of the ammonia concentration. This is 
sen as indicating that in this region (referred to 
Hsequently as the region of low oxygen pressure) 
rate is determined by the transport of oxygen to 
copper surface (denoted by the broken line in 


Fig. 4). As the pressure is increased, a point is 
reached where the rate becomes independent of 
oxygen pressure and levels off at a value which 
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Fig. 3. Rate curves for the dissolution of copper in am- 
monia solutions. Effect of total NH; concentration. O» 
pressure, 3.0 atm; temperature, 26°C; stirrer velocity, 660 
rpm. 
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Fig. 4. Effeet of oxygen pressure on the rate of dissolu- 
tion of copper. Temperature, 26°C; stirrer velocity, 660 
rpm. 


depends on the concentration of NH,. In this region 
(of high oxygen pressure), it appears that the con- 
centration of oxygen and, consequently, its rate of 
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transport to the surface of the copper are sufficiently 
high that the rate of dissolution becomes controlled 
by the chemical reaction at the surface. The rate of 
this reaction appears to be independent of the con- 
centration of oxygen. Its dependence on the con- 
centration of ammonia will be discussed later. 

These results, showing two distinct regions, cor- 
responding to different apparent reaction orders with 
respect to the concentrations of oxygen and am- 
monia, indicate how the discrepancies in the reaction 
orders reported by different earlier investigators 
might have arisen. 


Effect of Stirring Velocity 


These conclusions about the significance of the 
two oxygen pressure regions are borne out by the 
results listed in Table II, showing how the stirring 
velocity influences the rate of dissolution in each 
region. 

It is seen that in the low oxygen pressure region, 
the rate increases markedly with stirring veolocity, 
characteristic of diffusion- or transport-controlled 


TABLE II. Effect of stirring velocity on rate of dissolution 
Temp: 26°C; solution: NH,;—0.5 mole/1. 


Specific rate of dissolution mg Cu/cm?*/hr 
Stirrer velocity rpm 


Low pressure region High pressure region 


(Oz) = 1.4 atm (Os) = 7.8 atm 
470 15.0 30.0 
545 17.6 29.0 
660 19.3 30.0 
820 21.6 31.9 


reactions, whereas at higher oxygen pressures prac- 
tically no dependence of the rate on stirring velocity 
is evident. 


Effect of Temperature 


Similar evidence is provided by the Arrhenius 
plots in Fig. 5, showing how the rate in each pressure 
region depends on the temperature. At low oxygen 
pressures, the activation energy was found to be 
1330 cal/mole. Values of this low order are generally 
considered to indicate a diffusion- or transport-con- 
trolled rate (7). At higher oxygen pressures, the 
activation energy is 5540 cal/mole. This value, 
while still unusually low, is more consistent with a 
rate process-controlled by a chemical‘ reaction. 
Activation energies as low as this are rarely observed 
for chemically controlled dissolution reactions, 
since they correspond to very fast reactions; the rate 
would therefore tend to be determined by slower 
transport processes. It was only by using elevated 


‘The term “chemical” is used loosely here to include 
such processes as adsorption and desorption. 
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oxygen pressures in the present study that freed, 
from transport control could be achieved and 4 
rate and activation energy, correspondiny to 4 
chemical reaction, measured. | 
All the kinetic results subsequently des: ribeg 
this paper were obtained in the region of hj 
oxygen pressure and may consequently be taken 
representing the chemical reaction, uninfluenced 
the transport of reactants to the surface. The voli 
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Fic. 5. Arrhenius plots for the dissolution of coppe: 
aqueous ammonia. Total NH;, 0.5 mole/1; stirrer veloc 
660 rpm. 


of solution in all experiments was 3 liters and ‘lx 
stirring velocity 660 rpm. 
Effect of Cu(NH,)¢** 


The fact that zero order reaction kinetics we! 


always observed indicates that the copper dissolve! 


during the reaction, mainly as Cu(NH,),** 1ow 
does not influence the rate. This was confirmed in 
experiment in which 2.8 X 10-* moles/! of 


were added to the ammonia solution. The rate 
dissolution was the same as when no copper Wi 


present initially in the solution. 


Effect of Total Ammonia Concentration 


Plots of the rate of dissolution of copper at | 
and 26°C, as functions of total NH, concentrat! 
are shown in Fig. 6. In the absence of any addet 
salts, the curves are seen to be S-shaped, indicat! 
a complex relation. This is not surprising *! 
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hanges in the concentration of ammonia are always 
«ompanied by simultaneous variations in the pH 
nd ionic strength of the solution as well as in the 
centrations of and undissociated NH,. 
his is due to the ionization of ammonia, represented 
y the following equilibrium: 


NH, + HOH so NH, + OF (II) 
(NHy)(OH ) 
(NH,)aq (LID) 


= 18 X 10° at 25°C 


In the experiments, described subsequently, an 
‘tempt was made to investigate each of these 
ariables separately. 


150 T T 
TEMPERATURE 
Oo - 18*C| MO ADDED 
SALTS 
3100F - 26-003 
z 
& 50 + - 
< 
« 
iL i. 
0 0.5 10 
NH, M/L 


Fic. 6. Effeet of total NH, concentration on the rate of 
olution of copper. O» pressure, 7.8 atm. 


Effect of Electrolyte Concentration 


At constant NH, concentration, the rate of dis- 
olution of copper was found to increase on addition 
‘the solution of an inert electrolyte such as Na,SO,, 


is shown in Fig. 7. This does not appear to be due to 
} primary salt effect (8) since the relation between 


og rate and the square root of the ionic strength is 
t linear. Instead, the effect is seen to be most 
ronounced at low electrolyte concentrations with 
ie rate levelling off as the amount of electrolyte is 
hereased., 

This electrolyte effect would account for the 
shaped character of the plots of rate against 
mmonia concentration in Fig. 6. On increasing the, 
oheentration of ammonia, the rate would be influ- 
wed by the change in the concentration of elec- 
tolyte (arising from the dissociation of NH) as 
ell as by the change in the concentration of NH, 
Iself. Che former effect would be particularly pro- 


nounced at low electrolyte (i.e., low ammonia) 
concentrations, accounting for the increasing slope 
of the initial part of the curve. 

This was confirmed by measuring the change in 
rate with ammonia concentration in the presence of 
a constant excess concentration of NaSO,. Under 
these conditions, the initial portion of the plot, 
shown in the upper curve in Fig. 6, was found to be 
linear instead of S-shaped. The rate of dissolution 
thus appears to increase in an approximately linear 
manner, with the total ammonia concentration 
falling off slightly from the linear dependence at 
higher values. This fall off may be due to the rate 
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Fic. 7. Effect of various salts on the solution of copper 
in aqueous ammonia. NH;, 0.5 mole/l; O2 pressure, 7.8 
atm; temperature, 26°C. 


becoming controlled in part by oxygen transport in 
the region of high NH, concentration. 


Effect of 


It remains to determine to what extent this ap- 
parently linear increase of the rate of dissolution with 
total NH, concentration is due to the NH, itself, 
and to what extent it is influenced by the accompany- 
ing increase in the concentrations of NH,* and OH-, 
arising from the ionization of NH, in accordance with 
equation (II). To obtain information on this point, a 
series of experiments was made in which the con- 
centration of NH; was held constant and the 
concentration of NH,* varied independently by 
adding different amounts of (NH,4)sSO, or NH,Ac 
to the solution. The variation of the rate with the 
concentration of these salts is plotted in Fig. 7. 

Following an initial sharper rise, the rate of dis- 
solution of copper is seen to increase in a linear 
manner with the concentration of (NH 
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Addition of ammonium acetate gave the same in- 
crease in rate as ammonium sulfate, whereas sodium 
sulfate gave only the initial increase. This shows 
that the subsequent linear increase of rate with 
ammonium salt concentration is due to the NH,* ion. 
The initial sharper increase is due to the electrolyte 
effect discussed earlier. This is confirmed by the 
upper curve in Fig. 7, which shows that, when the 
electrolyte concentration was held constant by 
addition of NaSO,, the initial rise in this rate was 
not observed, and the increase of rate with the 
concentration of (NH)SO, was exactly linear over 


150 T T T 
NH, 
4 -0.26 M/L 
-0.50 
100 4 
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50F 


+ = ISSO MG.CM HR’ 
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RATE OF SOLUTION MG Cu/CM*/HR 


= i 


° 0.02 0.04 0.06 


NH, - 
Fic. 8. Variation of the rate of solution of copper with 


the concentration of NH,*. O» pressure, 7.8 atm; tempera- 
ture, 26°C. 


the entire range. The slope of the linear region was 
not appreciably altered. 


Effect of H* 


Equation (II1), representing the equilibrium for 
the ionization of ammonia, can be rewritten in the 
form: 


+ 
(NHQ) | | _ 18 x (IV) 
(H*) Kw 
where Aw is the ion product of water = 10-™ at 
25°C. Therefore 
(NH7) 
8 O(N \ 
(H*) 18 10°(NH;) (V) 


This shows that at constant (NH,) the concentra- 
tion of H* in the solution is proportional to that of 
NH,*, and any increase in (NH,*) is accompanied 
by a corresponding increase in (H*). The signifi- 
cance of the linear dependence of the rate on (NH,*) 
shown in Fig. 7 is therefore ambiguous, since it 
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could also be interpreted to signify a |) car 4, 
pendence on (H*). 

To resolve this ambiguity, the varation of yy; 
with ammonium sulfate concentration was 1 ieasyyy 
at two different NH, concentrations. From  quati 
(V), the ratio (NH,*): (H*) is proportional ; 
(NH,) and is, therefore, different for the two \y 
concentrations. When the rate is plotted a gai) 
(NH,*), two parallel lines should be obtained jf 
increase in rate is due to NH,* ions, whereas 4) 
two lines of different slope will be obtained jf 4) 
rate increase is due to H* ions. Fig. 8 shows thy 
the rates of dissolution vs. (NH,4*) [the latter , 
culated from equation (V)| for (NH) values of (9) 
and 0.50 are, in fact, parallel. 
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Fig. 9. Variation of the rate with the concentratio: 
H* at different ammonia concentrations. pressure, 
atm; temperature, 26°C. 


On the other hand, the corresponding plots « 
rate against (H*) in Fig. 9 have different slopes 
This proves that the rate of dissolution increas 
linearly with the concentration of NH,*, but do 
not depend directly on the concentration of I! 


Contributions of NH, and NH, lo the 
Dissolution Reaction 


The specific rate constant, Kyy,, of the fr 
order reaction due to NH,*, can be calculated fron 
the slopes of the linear portion of the plots in Fig.’ 
and is found to have the value 1550 mg Cu em” |i 
(NH,*). Extrapolation to zero (NH,*) shows th! 
this reaction accounts for only part of the dissolut 
rate. The remainder must be attributed to a separ! 
reaction which appears to be due to undissocial 


NH,. 


The relative contributions of the two reactions! 
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ye total dissolution rate (Rr), for a series of am- 
jonia solutions of varying concentration, but con- 
gining no added ammonium salts, are shown in 
rig. 10. The contribution of the NH,* reaction, 


Rene)» Was calculated from the specific rate 
»pstant determined above, Le., 
Ryug = (VI) 


chore (NHy*) was caleulated from equation (IIT). 
The contribution of the NH, reaction, (Ryx,), 
4s taken as the difference between the total rate 


nd Ryu, 1.e., 
Ryus Rr Ryu, (VII) 
(50 T T T 
O- Rrorac 
4 -R 
4 WH, 
x-R 
3100F 
z 
5 
50F 
MG.CM?HR.'M™' . 
iL i 
0 0.5 1.0 1.5 
NH, M/L 


hia. 10. Contributions of NH; and NH,* to the total 
e of dissolution of copper in aqueous ammonium solu- 
us containing no added ammonium salts. NasSO,, 0.03 
« 1; O pressure, 7.8 atm; temperature, 26°C. 


The plot of Ry», against (NH,) is also linear, at 

eist in the initial region, indicating a first order 
reaction with respect to (NH,). As suggested earlier, 
ie falling off in the rate at higher values, from the 
iear dependence, may be attributed to an oxygen 
eficieney under these conditions with consequent 
le control by oxygen transport. The first order 
le constant, Kxn,, for the NH, reaction was cal- 
lated from the slope of the linear region and found 
obe 84 mg Cu/em?/hr/(NH,). 


CONCLUSIONS 


lt has been shown that the total rate of dissolution 
! copper in ammonia solutions, in the presence of an 
‘Xcess Of oxygen, is made up of the contributions of 
‘0 separate reactions, apparently proceeding in- 
lependently of each other. The rates of these two 
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reactions are first order with respect to the con- 
centrations of NH, and NH,*, respectively, 


Ry = K yng (NH,*) + Kyu,*(NH;). 


At a total electrolyte concentration equivalent 
to 0.03 mole/| of NasSO,, and are equal 
to 1550 and 84 mg Cu/em?/hr/mole, respectively. 

These values are dependent to a slight extent on 
the electrolyte concentration, particularly at low 
concentrations. 

Both Kyy, and Ky, are independent of the 
pressure or concentration of oxygen, providing the 
latter is present in excess, so that its transport to the 
surface of the copper does not limit the reaction rate. 

These kinetic results and the observed reaction 
products are consistent with a mechanism for the 
dissolution process, involving the following sequence 
of steps: 

1. Adsorption of dissolved oxygen onto the copper 
surface: 


fast 


Cu + Cu... O (VIII) 


The fact that the rate of dissolution is independent 
of the concentration of oxygen indicates that this 
step is fast, and that the surface is always covered 
with a film of oxygen. 

2. Reaction of an NH, molecule or NH,* ion with 
the copper-oxygen complex on the surface: 


+ Cu(NH;)** + 20H- 

activated complex (1X) 

or 

NH; 

+Cu H Cu(NH,)++ + 20H- 

activated complex (X) 


The kinetic results suggest that the oxide film, 
which is formed initially, does not grow appreciably 
in thickness. Such growth is generally observed when 
copper is exposed to gaseous oxygen or to solutions of 
salts such as KCl containing oxygen, and leads to 
the formation of a stable layer of cuprous oxide. 
However, this does not appear to take place in the 
present system, i.e., when the copper is exposed to a 
solution containing ammonia and oxygen in excess, 


x | 
if 
tha 
r 
aim 
; 
| 
. 
2 | 
tiot 
re, 7 
~ 
slope 
dor 
f H 2 
p firs 
| frou 
Fig 
s tl 
hut! 
paral 4 
Vee 
3 
| 
| 
‘ 


428 JOURNAL OF THE ELECTROCHEMICAL SOCIETY October 193 


under conditions where cuprous oxide is thermo- 
dynamically unstable. Instead it would appear that 
the film of adsorbed oxygen which forms initially 
is attacked by NH, or NH,*, as shown above, and 
dissolves. This stage of the reaction is rate-de- 
termining, consistent with the observed first order 
dependence of the dissolution rates on the concen- 
trations of NH, and NH,* (as well as on the copper 
surface area). The two reactions proceed inde- 
pendently, both leading to the formation, in the 
first instance, of a Cu(NH,)** ion. The copper 
probably dissolves in this form, reacting rapidly in 
solution with more NH, molecules to form higher 
ammines, such as Cu(NH,),**, which are more 
stable. 

While a detailed description of the activated 
complex or transition state for these reactions is 
impossible, reasonable structures which probably 
incorporate the essential features are suggested 
above in equations (LX) and (X). The formation of 
the activated complex must involve, in each case, the 
coordination of a NH, group to a Cu atom, ac- 
companied by a transfer of electrons from the Cu 
to an adsorbed O atom, leading to the incipient 
formation of Cu(NH,)** and O-~. Where the re- 
actant is NH,*, the activated state would be ex- 
pected to have a lower energy than that resulting 
from reaction with NH,, since the extra proton in 
NH,* would certainly act to stabilize the O-- 
(i.e., OH~ is formed instead of O~~, the latter being 
less stable), even if allowance is made for the fact that 
the activated complex is further stabilized through 
solvation by water. This is consistent with the ex- 
perimental observation that the rate constant for 
the NH,* reaction is considerably larger (by a factor 
of 18.5) than the rate constant for the NH, reaction. 

An alternative possibility is that the copper dis- 
solves initially, by a similar mechanism, as a cuprous 
complex ion, i.e., Cu (NH;)2*, which is subsequently 
oxidized homogeneously in the solution to the 
cupric state. Since the latter reaction is fast, such a 
scheme would also be consistent with the observed 
reaction products and with the kinetic results de- 
scribed above. However, it is considered likely that 
in the presence of an excess of oxygen at the surface, 
such as was maintained in the present system, oxida- 
tion to the cupric state would occur at the surface, 
and the copper would dissolve in the first instance as 
a cupric ion. Some further support for this is pro- 
vided by the fact that the reaction is not catalyzed 
by dissolved cupric salts. But whatever the identity 


of the dissolving ion, there would appear to be jj, 
doubt about the essential features of the mechanic 
which involves the initial rapid formatio. of 
oxide film and the subsequent rate-determiy) 
attack by NH, or NH,*. 

Such a mechanism appears to be consistent yy 
all the kinetic results obtained in this investigati, 
It accounts for the first order dependence of \ 
rate on the concentrations of NH, and 
the relative orders of magnitude of the two py 
constants, and for the fact that the rate is jing, 
pendent of the concentrations of H*, oxygen, , 
dissolved copper. Since the activated complex | 
the same net charge as the reactant species (NH 
NH,*), the absence of a large primary salt effec 
also explained. The relatively small electroly 
effect which was observed appears to be of a secon 
ary nature, and is probably related to changes 
charge distribution accompanying the activatiy 
process or to the influence of ionic strength on th 
ionization of NH,. No attempt has been made | 
follow up its investigation in detail, and its ey 
significance is not clear. 

The proposed mechanism is also consistent wit 
general chemical and energetic considerations, «1 
with measurements (9) which suggest that even « 
low temperatures, oxygen is chemisorbed rapid 
on the surface of copper, so that the subsequey 
reaction with ammonia and water would be likely | 
constitute the slow step in the over-all process « 
formation and dissolution of the complex ion. 


Any discussion of this paper will appear in a Discuss 
Section, to be published in the June 1954 issue of | 
JOURNAL. 
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vit The Quantitative Electrodeposition of Radioruthenium' 


init J. C. Grress, Jr. 


Oak Ridge National Laboratory, Oak Ridge, Tennessee 


ABSTRACT 
A study has been made to determine the conditions necessary for the complete (~99%) 
Pati electrodeposition of radioruthenium. Bright adherent deposits suitable for small radio- 
ind active sources were obtained from acid solutions containing moderately low concentra- 
# tions (5 X 10° — 5 X& 10°°M) of ruthenium nitroso salts. The minimum cathode po- 
." tential at which complete deposition was possible was about —0.45 volt vs. 8.C.E. 
x | 
H INTRODUCTION series of patents (2), numerous ruthenium plating 
4 baths have been described and in all of them the 
roly Ruthenium is one of the most abundant elements ; ‘ : 

, “ya ruthenium was present either as the nitroso or as 
formed during the process of nuclear fission. One of the 
‘ati which may be of value where a high energy beta 
source is required, for example in radiation therapy. the ach 
de i Ru'* has @ half-life of approximately one year, and sary to obtain a smooth adherent deposit when the 
decays Rh'®* by the emission of a low energy 
“ life of is 30 sec ruthenium concentration is low, nor do they give 

peta particie,. S sec, °,° 
eta | aoe ; ; the conditions necessary for essentially complete re- 
wit the decay radiation consists largely of very energetic 

beta particles with a smaller fraction of gamma The 
el rays (1). As a result of the secular equilibrium exist- 
pill ine ‘tween Ru!®* and the half-life of the high 

Tae Ridge National Laboratory to the nitroso salt, and 
qui energy beta radiation can be considered to be one Ver to be 
ely tf year, 

, : suitable the following three requirements had to be 
Relatively large amounts of radioruthenium are GA 

ment of Oak Ridge National Laboratory. The avail- 
uss : : complete removal of ruthenium from solution; and 

fg le supply is usually in the form of a solution con- LP 
ining between 50 and 100 parts per million of in the 

P future it may be desirable to separate ruthenium from 
ruthenium. The specific activity of the ruthenium is Gallien 
in the order of 20 millicuries/mg of ruthenium. > Peas ‘ 
Fin we the cathode potential needed to obtain complete 
, Firs In view of the radiation characteristics and avail- 
* ability of Ru'®*, it was desirable to have a method P 
of concentrating the radioruthenium so that it could EXPERIMENTAL 

Sw used efficiently in relatively small radiation 
, 25 # sources. Electrodeposition appeared to offer the best 
means of preparing compact sources of radioruthe- All electrolyses were carried out in a cell of the 
Trac nium particularly in view of the fact that, by this type previously described (3). In general, the cell 
jun fa method, the ruthenium could be deposited on cath- assembly consisted of a brass stand on which a foil 


arad 


odes of the shape best suited for the intended use. 
Therefore, an investigation of the possibility of elec- 
troplating ruthenium from dilute solutions was 
undertaken. 

The electrodeposition of ruthenium for ornamental 
or protective purposes has been successfully carried 
out under a number of different conditions. In a 


‘Monuseript received February 9, 1953. This paper was 
prepared for delivery before the Montreal Meeting, Oc- 
tober 26 to 30, 1952. This paper is based on work under 
Contract No. W 7405-eng-26 for the Atomic Energy Com- 
mission at Oak Ridge National Laboratory. 


cathode rested. A glass cylinder was clamped on the 
foil cathode, the exposed area of which was 5 cm*. 

A constant cathode potential regulator of the type 
described by Lamphere (4) was used as the power 
source. The anode and reference electrode, a satu- 
rated calomel electrode (S.C.E.), were placed in 
separate vessels and connected to the electrolysis 
cell by means of bridges containing tight filter-paper 
plugs in the ends, in contact with the plating solution. 
The bridges were filled with either 6N hydrochloric 
or sulfurie acid. The outside anode was used to 
prevent possible oxidation of the ruthenium to the 
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volatile tetroxide and/or deposition of the dioxide 
on the anode. 

The voltage regulator and the described electroly- 
sis cell were not essential for the successful electro- 
deposition of ruthenium. However, the regulator did 
permit a determination of the deposition characteris- 
tics of ruthenium, and the cell confined the cathode 
deposit to an area which could be counted easily with 
a standard Geiger-Miiller counter. 

Since direct use of the radioruthenium solutions 
available at the laboratory would have required 
excessive shielding, a natural ruthenium solution, to 
which only a trace of radioruthenium had been added, 
was used. A normal ruthenium stock solution was 
prepared by dissolving sufficient ruthenium chloride 
(J. Bishop & Company) in 6N hydrochloric acid to 
form a 0.1. solution. All ruthenium plating solutions 
were prepared from dilutions of this solution. 

To convert the normal ruthenium solution to the 
nitroso species, a solution of ruthenium chloride, 
to which a small amount of tracer had been added, 
Was evaporated to near dryness under a heat lamp. 
Then a small amount (usually 2 to 3 ml) of red fum- 
ing nitric acid (sp gr = 1.60) was added and the 
resulting solution was taken to near dryness. A sec- 
ond addition of red fuming nitric acid was made, 
and the solution was evaporated to dryness. The 
residue was dissolved in a few drops of concentrated 
hydrochloric acid and taken to dryness to reduce 
the nitrate ion concentration to a very low value. 
The residue was then dissolved in the electrolyte 
from which the ruthenium was to be deposited. When 
nitric acid was to be the supporting electrolyte, the 
treatment with hydrochloric acid was omitted. If 
the supporting electrolyte was to be sulfuric acid, a 
drop of concentrated sulfuric acid was added and the 
solution was slowly fumed for a few minutes. All 
solutions were prepared with reagent grade chemicals 
and distilled water. 

The general procedure was to electrolyze a 20-ml 
aliquot of a solution for a given period of time. Dur- 
ing the electrolysis, the electrolyte was stirred with 
a motor-driven single-blade glass stirrer. Most of 
the electrolyses were carried out at room tempera- 
ture (about 25°C), using a copper foil cathode. In 
one series of experiments, nickel, gold, and platinum 
foils were used as cathodes and a few electrolyses 
were performed at 100°C. All cathodes were first 
cleaned in a hot, concentrated alkali solution, dipped 
in dilute hydrochloric acid, and then rinsed in dis- 
tilled water. In order to determine the amount of 
ruthenium remaining in solution at any given time, 
a 0.100-ml aliquot was pipetted from the cell with- 
out interrupting the electrolysis. The aliquot was 
then evaporated to dryness on a l-in. watch glass, 
mounted in an aluminum card, and counted. At 


Octo! er 19; 


the completion of an electrolysis, the cathode yw, 
removed from the cell and counted. All coun s wee, 
corrected for coincidence, size of aliquot, differen 
in back scattering, and counter geometry. Decay 
corrections were unnecessary since all counts wep 
compared with a sample of the original solutig, 
counted at the same time. 


Completeness and Rate of Deposition 


Preliminary experiments were carried out to fi, 
an electrolyte from which at least nearly comple, 
ruthenium deposition could be obtained. For thi 
study, the ruthenium concentration was 5 & 10-y 
and the ruthenium had not been converted to thy 
nitroso complex. Solutions of ruthenium chloride 
either hydrochloric, sulfuric, or nitric acid at ge 
concentrations of 0.1 and 0.3N were electrolyzed 4 
cathode potentials as high as —1.5 volts vs. S.C_E 
In no case was more than 80 per cent of the ruthe 
nium deposited, even after prolonged electrolysis. | 
of the deposits were black and nonadherent, and 
the amount plated in any of the above systems was 
not reproducible. Attempts to obtain complete plat 
ing from solutions of ammonia, potassium cyanic 
or the sodium salt of ethylene diamine tetraceti 
acid were likewise unsuccessful. 

When a ruthenium nitroso salt was substituted 
for the normal ruthenium salt in either sulfuric 
hydrochloric acid, an electrolyte was obtained from 
which complete plating was possible at cathode po 
tentials as low as —0.45 volt vs. S.C.E. Fig. | show: 
the rate and completeness of plating in the describe! 
cell when the supporting electrolyte was 5 X 10°‘\/ 
in the appropriate ruthenium nitroso salt and 0.3: 
in either hydrochloric, sulfuric, or nitric acid. |) 
each case, the solutions were electrolyzed at room 
temperature at a cathode potential of —0.60 volt 
vs. 8.C.E., using copper cathodes. If the nitric acid 
used in the preparation of the nitroso compound was 
not completely removed, or if the supporting ele 
trolyte was nitric acid, no more than 80 per cent 0! 
the ruthenium could be deposited at cathode po 
tentials of —1.00 volt vs. S.C.E. In a few cases 
where the electrolyses in hydrochloric or sulfur 
acid were continued for five hours, as much as {9 
per cent of the ruthenium was deposited. Changing 
the acid concentration in the supporting electrolyt 
to 0.1.N did not produce a noticeable change in eithe 
the rate of plating or in the appearance of the de 
posit. 

The deposits obtained from the above baths wer 
excellent, particularly those obtained from hydro 
chloric and sulfuric acid solutions. Those prepareé 
in either sulfuric or hydrochloric acid solutions wet 
silvery-white and lustrous; those prepared from ! 
tric acid solutions were also lustrous, but. slight!) 
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darker. [he adherence of the deposits from all baths 
was very good. In all cases, it was possible to bend 
she cathode through 180° without any evidence of the 
deposit peeling from the cathode. On repeated bend- 
ing, small amounts of ruthenium did peel from the 
-athodes prepared in nitric acid, while under the same 
-onditions the deposits prepared in sulfuric or hydro- 
hloric acid showed no tendency to peel. In fact, on 
repeated bending, the foil usually broke without any 
evidence of the ruthenium being separated from the 
base metal. 

Since the deposits obtained by completely deposit- 
ing ruthenium from 5 X 10M ruthenium nitroso 
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Fie, 1. The rate of plating from 5 X 10°*M RuNOC\, in 
liferent acid solutions. O—0.3N HCl; A—0.3N H.SO,; 
@-0.3N HNO,. 


salt solutions in either sulfuric or hydrochloric acid 
at room temperature were so good, only one deposit 
was prepared from each of the above electrolytes at 
100°C. In both cases there was no apparent improve- 
ment of the deposit, although the rate of plating 
was greatly increased. For example, at room tempera- 
ture, 99 per cent deposition required approximately 
three hours; at 100°C, the same amount was de- 
posited in one hour. Because of the difficulty of 
removing metallic ruthenium from the cathode, 
nearly all of the electrolyses were performed with 
“opper cathodes which were discarded at the comple- 
tion of an experiment. However, one series of experi- 
ments Was run using platinum, gold, and _ nickel 


patho les, and their use produced no apparent change 


in either the rate of plating or the appearance of the 
deposit. 

When the initial ruthenium concentration was 
decreased to 5 X 10-°M, the rate of deposition was 
not changed, but only about 95 per cent of the ru- 
thenium could be deposited at 25°C. At this concen- 
tration, the amount of ruthenium deposited on the 
cathode was so small (0.02 mg/cm?) that it appeared 
dark. The adherence was good, as shown by the 
fact that it was impossible to remove a detectable 


TABLE I. The amount of ruthenium deposited from 5 K 10~* 
M RuNOCl, in 0.8N HCl at various cathode potentials 
at 3 and 5-hr intervals 


Cathode potential | % Ru deposited 


% Ru deposited 
vs. S.C.E. 3 hr 5 hr 


Material 
balance % 


—0.40 96 99 101 
—0.30 89 93 101 
—0.25 7 85 102 
—0.23 71 73 97 
—0.20 21 32 99 
—0.15 <1 9 98 


60 t 


10 


PER CENT Ru DEPOSITED 


| 


10 


-0.10 -0.20 -0.30 -0.40 -0.50 
CATHODE POTENTIAL vs SCE. 


Fic. 2. The deposition curve for 5 X 10°°M RuNOCI,. 
O—0.3N HCl supporting electrolyte; A—0.3N H.SO, sup- 
porting electrolyte. 


amount from the surface by rubbing with coarse 
filter paper. 

Reducing the initial ruthenium concentration to 
5 & 10°-&M or less always resulted in no more than 
80 per cent of the ruthenium being deposited, even 
at cathode potentials as high as —1.2 volts vs. 
S.C.E. A later paper (5) presents a thorough study 
of ruthenium deposition from extremely dilute solu- 
tions. 

The highest concentration of ruthenium nitroso 
chloride from which plating was attempted was 5 X 
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10-*M. In one run at room temperature where the 
electrolyte was 5 X 10-°M ruthenium nitroso chlo- 
ride in 0.3N hydrochloric acid and the cathode po- 
tential was —0.60 volt vs. 8.C.E., only 81 per cent 
of the ruthenium was plated after five hours. Al- 
though the ruthenium was still depositing at a slow 
rate, the cathode was black and spongy. In another 
run where the conditions were identical to the first, 
except that the cell was placed in a boiling water 
bath, the rate was greatly accelerated and in one 
hour 97 per cent of the ruthenium was deposited. 
Under the latter conditions, the cathode deposit was 
uniformly bright, and its adherence to the copper 
cathode was equal to that of the thinner deposits. 


Deposition Potential 


The cathode potential needed to deposit ruthe- 
nium from the ruthenium nitroso salt was determined 
at room temperature under two conditions: 5 xX 
10M ruthenium nitroso sulfate in 0.3N sulfuric 
acid; and 5 X 10M ruthenium nitroso chloride in 
0.3N hydrochloric acid. In each case, six electrolyses 
were carried out at potentials between —0.15 volt 
and —0.45 volt vs. S.C.E. for three hours, a time 
of electrolysis sufficient to allow substantially com- 
plete deposition at —0.60 volt vs. S8.C.E. At the 
completion of the three-hour electrolyses in hydro- 
chloric acid solutions, duplicate aliquots were with- 
drawn to determine the amount plated. Then the 
electrolyses were continued for an additional two 
hours, at the end of which time the cathodes were 
removed and counted. Table I shows the amount 
plated at the end of each time as well as the material 
balances obtained. In most cases, a small amount 
of ruthenium was deposited during the final two- 
hour period, but the amount was not sufficient to 
appreciably change the shape of the deposition curve. 

The electrolyses carried out in sulfuric acid solu- 
tion were continued for only three hours, at the end 
of which time duplicate aliquots of the solution and 
the cathode were counted. Fig. 2 shows the amount 
of ruthenium plated at each potential in both sul- 
furic and hydrochloric acid solutions after three 
hours. It is apparent that the deposition character- 
istics of the two systems were quite similar and that 
essentially complete deposition was obtained at 
—0.45 volt vs. 8.C.E. 


DIscuSSION 


The method of preparing the nitroso compound 
presented in this paper is perhaps the simplest 
method for preparing the nitroso salts in small quan- 
tities. Attempts to prepare the same salt by heat- 
ing a normal ruthenium salt with concentrated nitric 
acid or with aqua regia did not yield a salt from 
which the ruthenium could be deposited in a suit- 
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able form. That the nitroso compound was jy, 
formed in substantial amounts by either of the latte 
two treatments was evidenced by the color of th 
solutions. Dilute solutions of the ruthenium nitrog 
chloride are wine-red, while those prepared froy, 
the product formed by heating with either agy 
regia or concentrated nitric acid were dark brow, 
the same as the normal salts. It appeared that th: 
nitrogen dioxide dissolved in the red fuming pity 
acid was responsible for the conversion to the nitros 
form; later work has verified this observation (5 
The solutions of ruthenium nitroso sulfate were po 
as red as those of the chloride, but were reddis 
brown. However, there appeared to be no differen 
in the plating characteristics of the two solutions. 

The acid concentration of the supporting ele 
trolyte did not appear to be critical. Good deposits 
were obtained at 0.1N and 0.3N, and some experi. 
ments of a qualitative nature indicated that equal); 
good deposits could be obtained at considera)) 
higher concentrations. At the cathode potential 
used, hydrogen ion concentrations greater than ap. 
proximately 0.3N caused excessive currents due 
hydrogen evolution. When the total current throug! 
the anode salt bridge became greater than abou 
0.15 amp, the heat produced in the bridge cause 
bubbles, which broke the circuit. 

At an acid concentration of 0.3N a cathode po- 
tential of —0.40 volt vs. 8.C.E. corresponded to i 
current density of 1.0 amp/dm*, while a cathod 
potential of —0.60 volt vs. S.C.E. corresponded | 
approximately 3.0 amp/dm?*. Hence, good deposits 
were obtained between 1.0 and 3.0 amp/dm’. 

That the electrochemical properties of the inae- 
tive ruthenium used throughout these experiment 
did not differ appreciably from those of radioruthe- 
nium was evidenced by the fact that the Developmen 
Department of the Operation Division of the labor: 
tory has prepared several radioruthenium plate 
ranging in activity from 10 to 125 millicuries using 
the general method given in this paper (6). The de 
position characteristics and the appearance of the 
deposits seemed to be the same as those prepare! 
with inactive ruthenium. The smoothness and at: 
herence of the deposits were such that no difficult) 
was encountered in depositing a thin protective laye 
of silver over the surface of the radioactive ruthe 
nium. 

The deposition potential of ruthenium as deter 
mined was purely empirical in nature and no effor' 
was made to minimize or correct for junction pe 
tentials. It is interesting to note that at a reasol 
ably low cathode potential, —0.45 volt vs. 8.C1 


essentially conplete deposition was obtained. Unde 


the conditions used it was impossible to determi" 
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-hether or not the deposition of ruthenium could be 
ompletely prevented at cathode potentials more 
oble than —0.15 volt vs. 8.C.E. because of the re- 
activity of the copper cathodes. However, the data 
vould seem to indicate that ruthenium could be 
separated from some noble metals and from certain 
of the more active metals by the use of a controlled 
cathode potential technique. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1954 issue of the 
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A Study of the Electrodeposition of Ruthenium 
from Very Dilute Solutions’ 


M. H. Lierzke ann J. C. Griess, Jr. 


Oak Ridge National Laboratory, Oak Ridge, Tennessee 


ABSTRACT 


The deposition behavior of ruthenium at low concentrations has been investigated 
under a variety of conditions. Only when the ruthenium was in solution as the ruthenium 
nitroso complex were reproducible results obtained. Complete deposition was not pos- 
sible at concentrations below 10~* molar. A mechanism involving a catalytic hydrogen 
reduction of the ruthenium nitroso complex is proposed to account for the complete 
deposition of macro amounts of ruthenium and the incomplete deposition of micro 


amounts. 


INTRODUCTION 


A previous paper has shown that essentially com- 
plete deposition of ruthenium was possible if the 
concentration of ruthenium in solution was 5 xX 
10-°M or greater (1). When the initial concentra- 
tion of ruthenium was less than 5 & 10-°M, the de- 
position Was never complete, even after prolonged 
electrolysis. 

The present investigation was undertaken to de- 
termine, in general, what variables affect the elec- 
trodeposition of ruthenium from its nitroso salts and, 
in particular, to study the deposition process from 
very dilute solutions. Since numerous studies (2-5) 
have been carried out using trace concentrations of 
other elements, most of which behave nearly rever- 
sibly, it was of interest to see how a strictly irre- 
versible deposition compared with the reversible 
ones. In addition, such a study might be of value in 
attempting to separate ruthenium from other fission 
products. 


EXPERIMENTAL DeralILs 


The electrolysis cell, the electrode arrangement, 
the regulator for the control of the cathode poten- 
tial, and the method of determining the amount 
plated were the same as those described in the pre- 
vious paper (1). The volume of solution electrolyzed 
was 10 ml in each case, and the solutions were stirred 
rapidly during electrolysis. Most electrolyses were 
performed at room temperature (about 25°C), but in 
a few cases where careful control of the temperature 
Was necessary a constant temperature bath con- 
trolled to +0.5°C was used. 

‘ Manuscript received February 9, 1953. This paper was 
prepared for delivery before the Montreal Meeting, Oc- 
tober 26 to 30, 1952. This paper is based upon work per- 
formed under Contract No. W 7405-eng-26 for the Atomic 
Energy Commission at Oak Ridge National Laboratory. 


A number of different metals was used as cathodes 
Since it was necessary to remove the rutheniuy 
from the surface of the gold and platinum electrode 
and reuse them, these electrodes were cleaned }; 
making them the anode in a strong sodium cyanid 
solution. With the platinum electrodes, a curre: 
of 10 amp was passed for one minute (1-2 
amp /in.?); with the gold electrodes, a lower current 
was passed for a shorter length of time. All ne 
electrodes were also given the above treatment by 
fore use. No other treatment seemed to be as satis 
factory for removing ruthenium, and it appeared 
that this method was effective because the slow dis 
solution of the base metal swept the ruthenium fron 
its surface. After the cathodes were removed from 
the cyanide solution, rinsed with distilled wate: 
and dried, they were ready for use. 

The copper cathodes were degreased in trichloro- 
ethylene, rinsed in acetone, dipped in dilute hydr 
chloric acid, rinsed in distilled water, and then dried 
Each copper cathode was used once and then dis 
carded, 

Since 1-mil foil was used in the case of rhodiun 


palladium, and tantalum, each cathode was use 


only once. The cathodes were washed in trichlor 
ethylene, thoroughly rinsed in acetene, and dried 1 
air. 

When platinum black electrodes were to be used 


the cell was assembled in the usual fashion, with 
clean platinum foil as cathode. Then 20 ml of } 
3 per cent chloroplatinic acid solution was added aud 


a platinum anode inserted. The solution was ele 


trolyzed for 30 min at 0.015-0.02 amp/em?. Aite! 
this time the solution was removed and the cel! ver! 
thoroughly rinsed with distilled water. The solutio 


to be electrolyzed was then introduced into the ce 


and the electrolysis performed. The cathode was no 


allowed to become dry after the washing process. 
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Even with the most dilute solutions used, adsorp- 
Hon of ruthenium was no problem, and material 
balances of 98-100 per cent were nearly always ob- 
jined. When the material balance was less than 
y5 per cent, the result was discarded and the experi- 
ment Was repeated, 


Preparation of Ruthenium Nitroso Salts 


Preliminary experiments confirmed the observa- 
‘ion that plating from the nitroso compound was 
essary for obtaining satisfactory deposition of 
mithenium. (In facet, from a very dilute solution of 
nithenium chloride 5 in 0.1.M hydrochloric 
vid, no ruthenium was deposited at cathode po- 
rntials as high as — 1.20 volt vs. 8.C.E.) Therefore, 
all of the experiments described in this paper, the 
nithenium nitroso salts were used. In preparing the 
plating solutions, ruc. enium tracer (plus inactive 
nithenium chloride for the higher concentrations) 
vas converted to the nitroso form with red fuming 
‘itrie acid in the manner ‘already described (1). 

Since some uncertainty existed about the com- 
position of the ruthenium salt prepared with the red 
fuming nitrie acid, it seemed advisable to prepare : 
ge enough quantity of ruthenium nitroso chloride 
« that an analysis could be made to cheek the em- 
pirical formula of the compound. Since ordinary 
itric acid did not effect the conversion, it appeared 
that it was the nitroge1 dioxide in the red fuming 
nitrie acid that converted the ruthenium to the 
itroso form. Therefore, the compound analyzed was 
prepared by bubbling nitrogen dioxide gas through 
:coneentrated ruthenium chloride solution. During 
the reaction, the color of the solution changed to the 
‘ine-red color characteristic of ruthenium nitroso 
hloride. After the treatment with nitrogen dioxide, 
the solution was evaporated to a small volume several 
times with concentrated hydrochloric acid to remove 
excess oxides of nitrogen. Then the solution was 
evaporated in vacuo at room temperature. The dry 
ruthenium nitroso chloride crystals prepared in this 
vay Were very deliquescent and were stored in vacuo 
over anhydrone. According to Gmelins Handbuch 
}), ruthenium nitroso chloride recovered from solu- 
tion at room temperature has the formula 
RuNOCI1,-5H.O. The analytical values actually ob- 
tained and the theoretical values based on the for- 
mula RuNOC1,-5H,O checked very closely. Hence 
it appeared certain that the empirical formula of 
the ruthenium compound used in the experiments 
described below was RuNOCI,-5H.O. 


EXPERIMENTAL RESULTS 
Completeness of Plating 


Since a previous paper had indicated that the 


amount of ruthenium that could be deposited from 


a solution of ruthenium nitroso chloride was related 
to the initial ruthenium concentration, a large num- 
ber of electrolyses (at least six at each concentration) 
were performed in which all conditions were kept 
constant except the initial ruthenium concentration. 
For these studies, the supporting electrolyte was 
0.3M hydrochloric acid at room temperature, and 
the cathode potential was maintained constant at 
—0.60 volt vs. 8.C.E. In all cases, freshly prepared 
solutions were used. For the electrolyses at concen- 
trations greater than 5 X 10-®M, copper cathodes 
were used; for those runs using a concentration of 
5 X 10-*M or less, platinum electrodes were used. 
Reproducible results were not obtainable from the 
dilute solutions with copper cathodes. Since pre- 
liminary experiments had indicated that after 90 
min practically no further deposition occurred, all 
electrolyses were continued for two hours to insure 
complete deposition. The amount of ruthenium that 
could be plated from the different solutions is shown 
in Table I. It should be noted that at ruthenium 


TABLE I. Amount of ruthenium deposited from RuNOCI, 
solutions of various concentrations at a cathode potential 
of —0.60 volt vs. S.C.E. 


Initial ruthenium concentration % Ruthenium deposited 


5 X 10°°M 99 

5 X 10°5M 96-97 
5 X 10°°M 79-83 
5 X 10°7M 79-83 
5 X 10°°M 79-83 


concentrations greater than 5 X 10-°M essentially 
complete deposition was possible, while at concen- 
trations 5 X 10-6 or less only about 80 per cent 
of the ruthenium was deposited. 

Attempts were made to obtain complete deposi- 
tion at the lower ruthenium concentrations by in- 
creasing the time of electrolysis to as long as eight 
hours and by increasing the cathode potential to 
—1.00 volt vs. S.C.E. Even under these extreme 
conditions, no additional ruthenium was deposited. 
Decreasing the acid concentration of the support- 
ing electrolyte to 0.01.M likewise did not change the 
per cent plated. The same amount of ruthenium 
was also deposited at 100°C, but at this tempera- 
ture the rate of deposition was much faster than at 
room temperature. The same per cent of ruthenium 
remained in solution at the lower concentrations 
whether the solutions were prepared directly (with 
red fuming nitric acid) or by dilution of a more con- 
centrated solution from which complete plating was 
possible. 


When the solution remaining after electrolysis of 
a very dilute solution (5 & 1LO-®/ or less) was 
pipetted from the cell and placed in another cell 
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containing a new cathode, no additional ruthenium 
could be deposited. However, when this same solu- 
tion was evaporated to dryness, treated again with 
red fuming nitric acid, the residue dissolved in hydro- 
chloric acid, and the solution diluted to the same 
volume ‘as before, the ruthenium could again be de- 
posited to about the same fractional extent as it 
could from the original solution. 

The fact that ruthenium could be nearly com- 
pletely deposited from 5 XK 10~* and 5 X 10°°M 
solutions and only about 80 per cent deposited from 
the more dilute solutions appeared to indicate that, 
if enough ruthenium were present in solution to form 
at least several layers of ruthenium atoms on the 
surface, essentially complete deposition was possi- 
ble. On the other hand, if only sufficient ruthenium 
were present to form less than a few atomic layers, 
deposition was incomplete. The atomic radius of a 
ruthenium atom is 1.32 X 10-‘cem; if one assumes 
uniform covering of the cathode with the deposited 
ruthenium, it can be shown that the surface area 
of the cathode occupied by the ruthenium atoms in 
10 ml of a5 X i0-§M solution is equal to 164 cm’, 
which would correspond to a deposit 33 atoms thick 
on the basis of a 5-cm?* plane surface area for the 
cathode. In the case of a 5 XK 10-*M solution, this 
would correspond to only 3.3 atomic layers. In view 
of the cleaning which the cathodes had undergone, 
the true surface area of the cathodes was probably 
considerably greater than that of the plane area. 
Hence, using the plane area of the cathode and as- 
suming uniform deposition, it appeared that a ru- 
thenium deposit of approximately 30 atomic layers 
was necessary to insure complete plating. 


Effect of Cathode Area 


The above data indicated that, if sufficient ru- 
thenium were plated to form a layer of ruthenium 
on the cathode several atoms thick, substantially 
complete ruthenium deposition was possible. On the 
basis of this observation, two electrolyses were car- 
ried out using, in one case, a plane electrode area of 
5 em® and, in the other, an area of 0.05 cm?*. Both 
runs were made at a potential of —0.60 volt vs. 
8.C.E. with 10-ml aliquots of a 10-*M ruthenium 
nitroso chloride solution in 0.1M hydrochloric acid. 
In the case of the 5-cm* cathode there was insuffi- 
cient ruthenium in solution even with complete de- 
position to form a monolayer of ruthenium atoms on 
the cathode. In case of the smaller cathode, there 
was enough ruthenium in solution so that, if it were 
completely and uniformly deposited, the ruthenium 
would have been approximately 70 atomic layers 
thick. 

Only 66 per cent of the ruthenium could be de- 
posited on the cathode of 5-cm?* area. (The solution 


‘al. 


had aged for about three weeks; see later sectig, 
A much higher per cent of ruthenium was deposity 
on the small cathode, but the rate of deposition wy 


estore 
yrepare 


extremely slow. After 65 hours, 87 per cent of ther 2?! 
ruthenium had been deposited. Although the p,ggpesP0"™ 
thenium may have still been depositing at a yer g, 
slow rate, the electrolysis was discontinued. Whj, , 
the results of this experiment were not as conclysiy, 
as they might have been, they clearly show that jh The 
extent of deposition was greater on the small cathod, ated t 
Rpecies 
Age of the Solution haps € 

After some time, it became apparent that the yer portion 
dilute solutions changed with age: after standing jy fame!" 
several days, less ruthenium could be deposited tha, Mel!" 
when the solutions were freshly prepared. For ey.’ 
ample, 79 per cent of the ruthenium could be de. Pre' 
posited from a freshly prepared 5 X 10-M 
thenium nitroso chloride solution, but only 48 pe " 
cent of the ruthenium could be plated after 41 days 

While the amount of ruthenium that could bef oo, 
deposited from a 5 X 10M ruthenium nitros 30} 
chloride solution did not change with time, the soly 80} 
tion itself did undergo change as shown by the fol. ME 79) 
lowing experiment. Three days after preparing 4 sol 
5 ruthenium nitroso chloride solution in 
0.1M hydrochloric acid, a 1-ml aliquot was dilutei 
to 100 ml with 0.1M hydrochloric acid. Electrolyss Hi , | 
of a 10-ml aliquot of the resulting 5 K 10-°M solu He 
tion showed that 83 per cent of the ruthenium could 
be plated. After 38 days, another 1-ml aliquot of th *% 
same 5 X 10M solution was diluted to 100 m 
with 0.1M hydrochloric acid and a 10-ml aliquot Pr 
again electrolyzed. In this case, only 73 per cent i Hj" 
the ruthenium could be plated. 

To determine accurately the rate at which the red 
aging process occurred, 10-ml aliquots of a 5 X solut 
10-*M ruthenium nitroso chloride solution in 0.1 
hydrochloric acid were electrolyzed at various in- th 
tervals during a two-month period. At the time the 3°" 
first aliquot was electrolyzed, the solution had agei Hj" 
one week. The results are plotted in Fig. 1 and show solu 
that the reaction which occurred obeyed a first order It 
rate law. An aliquot of the same solution was elec: solu 
trolyzed one year after the solution had been pre- or 
pared. In this case, only 2.5 per cent of the ruthenium 3" 
could be deposited. It was interesting to note that, #* 
if the line drawn in Fig. 1 were extrapolated to one Y 
year, the amount that should have plated was 3 vk 
per cent. 


Although only solutions containing 0.1M hydro #@"" 
chloric acid as the supporting electrolyte were care 
fully investigated with regard to the aging effect, 
the same general phenomenon was observed wit! 3 
0.3M hydrochloric acid and with both 0.05 ani i" 
0.15M sulfuric acid. In all cases, it was possi)le to 
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estore (he “unplatable” ruthenium to the freshly 
yepared condition by treatment with red fuming 
itric acid. It appeared that either a slow hydrolysis 
yan irreversible complex formation may have been 
esponsible for the observed effect. 


Separation of “Platable” and ‘‘Unplatable”’ 
Ruthenium 


The experiments previously reported strongly indi- 
ated that there were at least two different ruthenium 
species present in the very dilute solutions and per- 
haps even in the more concentrated solutions; one 
portion was readily reducible, and one was not. To 
onfirm this point, two experiments involving the 
reduction of ruthenium nitroso chloride with mercury 
were carried out. 

Previous attempts to obtain the electrodeposition 
{ruthenium nitroso chloride on a mercury cathode 
were unsuecessful because the mercury spontaneously 


UNCLASSIFIED 
OwG (6476 


) 40 20 30 40 50 60 70 
AGE OF SOLUTION (days) 


Fic. 1. The effeet of age of the solution on the amount of 
ruthenium deposited from a 5 X 10-*M RuNOCI, solution. 


reduced a part of the ruthenium. When a very dilute 
lution of ruthenium nitroso chloride was merely 
agitated with mercury, approximately 80 per cent 
of the ruthenium was removed from solution. Further 
contacting of the solution with new mercury did not 
remove additional ruthenium. (In perchloric acid 
solutions, mereury did not remove any ruthenium.) 
lt thus appeared that mercury in a hydrochloric acid 
solution was capable of removing the same amount 
ol ruthenium from dilute solutions as could be re- 
moved by electrodeposition at cathode potentials 
as high as —1.0 volt vs. S.C.E. 

When a solution containing 5 X 10-“M ruthenium 
ultroso chloride in 0.1M hydrochloric acid (a solu- 
tion from which complete deposition was possible) 
vas shaken with mercury for a long period of time, 
|) per cent of the ruthenium remained in solution. 
Further shaking did not remove additional ruthe- 
nium, and hence it appeared that the same situa- 


lion, maybe to a different degree, existed in both 
solutions. 


Influence of Cathode Metal 


The cathode potential needed to obtain complete 
deposition of ruthenium from a 5 X 10-*M ruthe- 
nium nitroso compound has already been reported 
(1). Hence it was of interest to determine the de- 
position characteristics of the ‘“‘platable’’ portion of 
the dilute solutions. Since it had been shown that 
the cathode metal greatly influenced the deposition 
potential of traces of silver (2), it was of interest to 
determine the deposition curve for traces of ru- 
thenium on several different metals. 

To determine what potentials were needed to de- 
posit the “platable” portion of the ruthenium, 10-ml 
aliquots of a 5 & 10-*M ruthenium nitroso chloride 


60 


40 


PERCENT RUTHENIUM DEPOSITED 


000 -0.10 020 -0 60 
CATHODE POTENTIAL vs SCE 


Fic. 2. Deposition curves on different metals for a 5 X 
10°M RuNOCl; solution in 0.1M HCl. O—platinum; 
@—gold; A—rhodium; A—palladium. 


solution 0.1M in hydrochloric acid were electrolyzed 
at cathode potentials between 0.00 and —0.60 volt 
vs. 8.C.E. using cathodes of the given metals. After 
a two-hour electrolysis, an aliquot of the solution as 
well as the cathode was counted. 

Fig. 2 shows the deposition curves obtained using 
gold, platinum, rhodium, and palladium electrodes. 
The results obtained using tantalum electrodes are 
not shown because of the erratic behavior of the 
tantalum cathodes. No ruthenium was deposited on 
tantalum up to cathode potentials of —0.70 volt 
vs. S.C.E. At a cathode potential of —0.85 volt, 
22 per cent was deposited; at —1.00 volt, 45 per 
cent; at —1.05 volts, 18 per cent; and at —1.10 
volts, 25 per cent was plated. 

The Esor,5 (the potential at which half of the 
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ruthenium was deposited) were —0.18 volt on plat- 
inum, —0.16 volt on gold, and —0.21 volt for both 
palladium and rhodium. Since the experimental error 
was considered to be about +30 mv and since the 
cathodes were not all cleaned in the same fashion, 
these figures do not necessarily indicate any real 
difference in the Eso, values. In this regard it was 
interesting to note that the E5o., reported for the 
deposition of ruthenium from a 5 X 10°*M ruthe- 
nium nitroso chloride solution in 0.3.M hydrochloric 
acid was —0.22 volt (1). Hence it appears that the 
deposition potential may have been nearly inde- 
pendent of the ruthenium concentration and of the 
cathode material (except tantalum). 

Fig. 2 indicated that different amounts of ruthe- 
nium were deposited on different metals. Since it 
has been pointed out that the ruthenium nitroso 
chloride solution changed with time, and since the 
deposition curves were not run at the same time, the 
per cents plated in Fig. 2 are not comparable. To 
determine the amount of ruthenium plated on dif- 


TABLE II. Per cent ruthenium deposited on different 
cathodes from a 5 X 10°°M RuNOCI, Solution in 
0.1M HCI at —0.456 volt vs. S.C_E. 


> Ruthenium Initial current 


Cathode metal 


deposited (ma 
Platinum 64 200 
Palladium 57 34 
Rhodium 56 11 
Gold 52 5 
Copper 46 2 


ferent metals, 10-ml aliquots of a5 K 10° ru- 
thenium nitroso chloride solution in hydro- 
chloric acid were electrolyzed using copper, gold, 
platinum, rhodium, and palladium cathodes. The 
electrolyses were carried out at the same time, and 
in each case a cathode potential of —0.55 volt vs. 
S.C.E. was used. The time of each electrolysis was 
two hours, and at the start the current passing 
through the cell was measured. The results are sum- 
marized in Table II. It should be noted that the 
higher the initial current, the greater the extent of 
deposition. 

Since the above experiments suggested that the 
extent of ruthenium deposition was greater on metals 
of low hydrogen overvoltage, several electrolyses 
were performed using platinum black cathodes. The 
conditions of electrolysis were the same as those de- 
scribed above, except that a cathode potential of 
—0.40 volt vs. 8.C.E. was used. In all cases, at least 
95 per cent of the ruthenium was deposited and fre- 
quently as much as 98 per cent was deposited. 

Since complete deposition was possible from a 
5 & 10M ruthenium nitroso chloride solution, the 


Oct her 19% 


initial deposition of which produced a ru‘ heniy 
cathode, it was thought that perhaps complete ¢ 
position of traces could be obtained on meta 
ruthenium cathodes. Therefore, three depositioy 
were carried out using copper cathodes which ha 
been plated with inactive ruthenium. Preliming, 
experiments indicated that the exchange of ryt} 
nium nitroso chloride solution with metallic ruth 
nium was either slow or nonexistent. The amouyyy 
of ruthenium plated in the three cases were 87 » 
cent, 77 per cent, and 84 per cent. Although the » 
sults were rather inconclusive, they definitely show 
that complete plating did not occur on rutheniy 
cathodes. 


Activation Energy for the Deposition Process 


It was thought that a determination of the acti) 
tion energy for the electrodeposition of rutheniy 
from a solution of the nitroso complex might giv 
some indication of the rate-determining step ay 
hence aid in elucidating the reaction mechanism 
5 X 10°°M ruthenium nitroso chloride solution 
0.1.M hydrochloric acid was chosen for this wor 
All electrolyses were carried out, using smooth pla: 
inum electrodes at a cathode potential of —0(: 
volt vs. 8S.C.E. The specific reaction rates were o 
tained at four different temperatures. 

In determining the value of the specific reacti 
rate, the counting rate for the solution after eq 
librium was attained was subtracted in each cas 
from the counting rates of all the other aliquo 
taken during the run. This was justified on the a 
sumption that the activity left in solution at equ 
librium was associated with a different ionic 
molecular species which could not be electrodeposit: 
at the potential used. When the rate curves usin 
the corrected solution counting rates were plott 
on semilog paper, straight lines were obtained, fro 
the slopes of which the specific reaction rates wer 
determined. 

When the values for the specific reaction rate 
were plotted vs. the reciprocal of the absolute ten 
perature on semilog paper, the graph shown in Ii 
3 was obtained. The slope of the woper part of tli 
curve gives an activation energy of 6669 cal mo! 
while the slope of the lower portion gives an activ: 
tion energy of 8020 cai ‘mole. 


Deposition Studies with the “Unplatable” 
Ruthenium 


The experiments described wp to this point hav’ 
shown that complete electrodeposition of traces | 
ruthenium could not be obtained at potentials whi 
had given essentially complete deposition at high 
concentrations. The following experiments deset!! 
the work that has been done in an effort to elucidal 
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he properties of the so-called ‘‘unplatable’”’ fraction 
{the ruthenium. 

i, an acid solution it was difficult to increase the 
tential of a platinum cathode to high values be- 
juse hydrogen evolution became excessive. The high 
pvdrogen overvoltage of mercury made it possible 
increase the potential of a mercury cathode to 
much higher values before hydrogen evolution be- 
ame appreciable. Thus, an electrodeposition with a 
mercury cathode was carried out in order to de- 
‘ormine Whether or not the ‘‘unplatable” portion of 
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x 
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Fig. 3. Aetivation energy curve for the deposition of 
ithenium from 5 10°°¢M RuNOCI, in 0.1M HCl. 


the ruthenium could be deposited at relatively high 
rgative potentials. 

Two solutions were used for this study: a 5 X 
ruthenium nitroso chloride solution in 0.1.M@ 
ivdrochlorie acid, and a 10°&M ruthenium 
itroso perchlorate solution in 0.1. perchloric acid, 
oth of which had been previously electrolyzed with 
mooth platinum electrodes at —0.60 volt vs. 8.C.E. 
‘ne 10-ml aliquot of each of these solutions was 
placed in cells containing mercury cathodes. The 
athode potential was maintained for one hour at a 
“ven potential and, at the end of this time, duplicate 
samples of the electrolyte were withdrawn and 
ounted. Then the cathode potential was set at a 
hore negative value, where the electrolysis was con- 
‘inued for another hour. This procedure was re- 
peated! until nearly all of the ruthenium was de- 
bosite!. "The deposition curves obtained are shown 
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in Fig. 4. Although the shapes of the two curves are 
somewhat different, the potentials at which 50 per 
cent of the ruthenium was deposited in each case 
were nearly the same. 

At the completion of the electrolysis, the mercury 
was separated from the solution, and a count of the 
mercury indicated that essentially all of the ruthe- 
nium was present on the mercury surface. Samples of 
mercury from below the surface showed little or no 
activity, indicating an extremely low solubility of 
ruthenium in mercury. 
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Fig. 4. Deposition curves for the ‘‘unplatable”’ ruthenium 
on mercury cathodes. O—0.1M perchloric acid; 01M 
hydrochloric acid. 


Deposition onto Platinum Black Electrodes 


Previous experiments had indicated that essen- 
tially complete deposition of ruthenium was possible 
from dilute ruthenium nitroso chloride in dilute 
hydrochloric acid when platinum black electrodes 
were used. It was not surprising to find that the same 
results were obtained when perchloric acid was used 
instead of hydrochloric acid. 

Since the possibility existed that the ruthenium 
was not actually electrodeposited but rather ad- 
sorbed on the very large surface of the platinum black 
‘athode, two electrolyses were performed to de- 
termine the amount of ruthenium that was appar- 
ently adsorbed and the amount that was actually 
electrodeposited. A 20-ml aliquot of 5 10°.M 
ruthenium nitroso perchlorate solution in 0.1. per- 
chloric acid was electrolyzed at —0.60 volt vs. 8.C.E., 
using a smooth platinum cathode. After the “‘plat- 
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able’ ruthenium had been removed, 68 per cent of 
the ruthenium remained in solution. The solution 
was then divided into two equal portions and placed 
in each of two cells containing platinum black cath- 
odes. The solution in one cell was merely stirred for 
three hours, while the other was electrolyzed at 
—0.40 volt vs. S.C.E. for the same length of time. 
At the completion of this time the cells were re- 
versed, i.e., the cell that had been electrolyzed was dis- 
connected and stirred, and the cell that had been 
stirred was connected and electrolyzed. During 
the stirring and electrolysis samples were taken. 
The results are shown in Fig. 5. 

It should be mentioned that the potential of the 
platinum black with respect to the 8.C.E. was —0.24 
before stirring the solution, but rapidly changed to 


PER CENT Ru IN SOLUTION 


0 we 200 350 


TIME (min) 


Fic. 5. The deposition and adsorption of the “‘unplat- 
able’ ruthenium on platinum black cathodes. —Stirred 
on platinum black for 3 hr, then eiectrolyzed; O—electro- 
lyzed on platinum black for 3 hr and then stirred. 


approximately +0.70 volt vs. S.C.E. as soon as 
stirring began. During the electrolysis the cathode 
potential was held constant at —0.40 volt. 

While there was some ruthenium that appeared 
to be adsorbed on the platinum black, the largest 
portion of the ruthenium was actually deposited when 
the current was flowing. It was interesting to note 
that there appeared to be a certain amount of ru- 
thenium removed from solution by adsorption even 
after the solution had been electrolyzed to a steady 
value. 


DIscuSsSION 


On the basis of the experiments performed it ap- 
pears certain that at least two different ionic or 
molecular species existed in dilute solutions of the 
ruthenium nitroso salis. Although nearly complete 
deposition was possible from solutions 5 X 10-°M 
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(or greater) in ruthenium nitroso salts and o)jmmpropose 
about 80 per cent from the more dilute solytiyy, fraction 
reduction with mercury seemed to indicate ;),.mminvolV! 
both solutions contained at least two very differe:mpossible 
entities and that they were nearly the same jn ;jgmmtherebY 
two solutions. It was also rather clearly shown th film easily 
there appeared to be no equilibrium between ,ggeucto! 
species (or else a very slow equilibrium). about | 

When a dilute (5 10°-°M or less), freshly bee 
pared ruthenium nitroso chloride solution was ol.mmable” | 
trolyzed, the same amount of ruthenium could 9) conditi 
ways be deposited under a given set of conditig, {i/o PO 
As these solutions aged, less ruthenium could be (me's 2 
posited from them. Hence the “platable”’ fracti:mble” ! 
of the freshly prepared solutions was gradu! The 
changed to an “unplatable” form. There 
to be no difference between the original “unplatable’ 
ruthenium and that which essentially grew from th?!" 
“platable” form on standing. For example, both thi! th 
original “‘unplatable’”’ portion and that which 
formed from the “platable” could be deposited ji’ ™ 


either platinum black electrodes or on mercury cat) 
odes at high negative potentials. 

The fact that ruthenium deposited at essentia! 
the same cathode potential from concentrations rang 
ing from 5 X to 1 may not be 
prising in view of the extremely irreversible natu 
of the deposition. However, it was interesting to no’ 
that either complete deposition from the more co 
centrated solutions or complete deposition of |! 
“platable” fraction from the more dilute solution 
was only possible when hydrogen was evolved fro: 
the cathode. In fact, the Esqx, values are close to tii 
potential needed for the discharge of hydrogen | 
the systems investigated. The fact that in diluw 
ruthenium solutions there was an apparent rel 
tion between the amount of ruthenium that cou! 
be deposited and the hydrogen overvoltage of ti 
cathode metal also indicated that the discharge : 
hydrogen was of importance in the deposition of ™ 
thenium. 

The value of between 6660 and 8020 cal for tli 
activation energy of the deposition of rutheniw 
from the nitroso complex was substantially high 
than that usually associated with a diffusion-co! 
trolled process. For example the activation energ) 
for the deposition of tungsten alloys has been © 
ported as 2000 cal/mole, which is of the correct ord 
for a diffusion-controlled process (7). It seems like’) 
on the basis of magnitude of the activation energ 
that the rate-determining step in the deposition pro 
ess may have involved a prototropic change. |! 
values of the heats of activation for such process® 
are similar to those for the cathodic liberation 
hydrogen, that is, 5|000—-10,000 cal/mole (8). 

On the basis of the results discussed above, |! ' 
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proposed that in dilute solutions the “platable” 
jaetion of the ruthenium is reduced by a mechanism 
»volving either molecular or atomic hydrogen. It is 
yossible that hydrogen reduces the nitroso group, 
thereby producing a ruthenium ion or molecule which 
easily reduced. Hence, it is possible that the re- 
juction of the ruthenium to the metal is brought 
about by electron transfer after the nitroso group 
has been destroyed or reduced. Since the “unplat- 
able” fraction, which is not deposited under most 
onditions, can be deposited on platinum black at 
ow potentials, it appears that the platinum black 
ats as a catalyst in the reduction of the ‘unplat- 
able” fraction. 

The fact that complete deposition of ruthenium 
: possible from solutions which contain enough ru- 
thenium to form a number of atomic layers can be 


explained on the same basis. Since it has been shown 


that there are also at least two species in the more 
onentrated solutions, as in the dilute solutions, 


one must assume that the catalytic properties of 
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macro amounts of ruthenium during the deposition 
process are similar to those of platinum black. 


Any discussion of this paper will appear in a Discussion 


Section, to be published in the June 1954 issue of the 
JOURNAL. 


. 8S. Grasstone, K. Larpier, H. Evyrine, 
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Preparation of Yttrium and Some Heavy Rare Earth Metal. ee 
The 
A. H. anp F. H. 
ent m 
ometrs 
Institute for Atomic Research and Department of Chemistry, Iowa State College, Ames, lowa 
ABSTRACT rhe « 
A method was devised for preparing massive metallic yttrium, terbium, dysprosium, sate 
holmium, erbium, and thulium in high purity and high yields by reducing the rare earth o 
chloride or fluoride with calcium metal in tantalum containers in an inert atmosphere. ihe 1 
Ytterbium fluoride could be reduced only to the divalent state by the technique em- estun 
ployed in this work. Estimated maximum melting points of some of these metals are velc 
given. 
INTRODUCTION mium-dysprosium alloy in 60 per cent yields: a yi. 7 
In a program of study of metals in this labora- sequent vacuum distillation was said to have ; adde 
tory, methods of preparing pure lanthanum, cerium, moved the cadmium, leaving a dysprosium spony avi 
praseodymium, neodymium, and gadolinium in the 
massive metallic state have been devised (1,2), which PREPARATION OF Rare Earti Compounns 
consisted of reducing the particular rare earth chlo- The anhydrous rare earth chlorides were } Ytt 
ride with calcium in refractory oxide and tantalum pared by the method of Kleinheksel and Kremoyfii able t 
crucibles. As quantities of the heavier rare earth (11) in which the rare earth oxide is dissolved in Igy 
salts have become available from other work in this excess of concentrated hydrochloric acid, and |! ire e 
laboratory (3), it was desired to prepare these metals resulting solution is evaporated to give the hydrat: to det 
also, and it was found that the methods which served chlorides. These are then dried in a stream of ( cee 
so well for preparing the light rare earth metals hydrogen chloride gas at a pressure of about 4 caf. | 
could not be used unmodified for the heavy rare Hg, with the temperature slowly raised to 400°C lvspt 
~arths due to the higher melting points of the mem- The anhydrous rare earth fluorides were prepare fi sarti 
bers of this latter group. In order to melt the product by dissolving the oxides in an excess of concentrat In 
metal in the present work, it was necessary to heat hydrochloric acid in a polyethylene beaker. An | harg 
the reaction mixture to temperatures at which rare cess of 48 per cent hydrofluoric acid was added | olet 
earth chlorides were so volatile that poor yields were precipitate the gelatinous hydrated rare earth tr-#jjiuna 
obtained, often with poorly formed products. How- fluorides. Digestion on a water bath produced 1! elt 
ever, when the less volatile rare earth fluorides were granular anhydrous trifluoride from which the suj meta 
employed, excellent results were obtained. nate was withdrawn; further heating on the wat ga 
In the past, yttrium has been prepared as a pow- bath resulted in a free-flowing powder which wa ) gi) 
dered metal by electrolytic and metallothermic meth- finally dried either by heating to 250°C in a vacuun leit 
ods (4-7). Thompson, Holton, and Kremers (7) ob- or by heating to 250°C in a stream of dry hydroy de 
tained one sample of fused metal containing 1.9 per chloride gas at a pressure of about 4 em Hg. The th 
cent iron, but were unable to reproduce this work. is some evidence that a small amount of chlond ave 
The heavy rare earth metals were prepared by (less than 1%) is present in the fluorides as a rest hie 
Klemm and Bommer (8) by heating the rare earth of this latter treatment, but this Goes not interler lor 
chlorides with potassium to give the rare earth with the metallurgical processing. fuor 
metal powder mixed with the potassium chloride rey 
slag; the resulting mixture was used for x-ray stud- Repuction TrECcHNIQUES he « 
ies. Yost, Russell, and Garner (9) in 1944 stated that this lor 
“the yttrium (heavy rare earth) metals have not Colcham was the reductant wed in ah o : ire 
been isolated in any form remotely approaching the work, and ory obtained as —" 10 mesh, -“ ; my 
pure metal.” Trombe (10) has more recently pre- mesh material from another section of this et ‘ 
pared dysprosium metal by the electrolysis of a tory, where vacuum distillation was employed ‘or 
fused-salt bath, collecting the dysprosium as a cad- further purify a high purity calcium metal obtain’. 
from Dominion Magnesium Ltd. reduy 
Manuseript received May 19, 1952. This paper was The tantalum containers the 
prepared for delivery before the Philadelphia Meeting. 
May 4 to 8, 1952. and melting operations were prepared from 0.0010 "BM cen, 
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. 002 in. thick tantalum foil by a technique de- 
sloped in this laboratory (12). 

The reductions were carried out by mixing in an 
yon atmosphere the rare earth halide and 10 per 
»yt more caleitum than was required by the stoichi- 
ometry of the reaction: 


2RX; + 3Ca — 3CaX, + 2R. 


rhe charge Was placed in the tantalum container, 
ipped with a perforated lid, and then transferred 
an induction furnace consisting of a tantalum 
je inductor surrounded by two concentric mag- 
ium oxide radiation shields in a silica vacuum 
velope. The furnace was evacuated and then filled 
/| atm pressure with argon. During the heating 


yoriod, Which usually lasted about 5 minutes, the 


action could be seen to take place when the charge 


siddenly beeame hotter than the furnace; this oc- 


vred between 699° and 809°C. 


EXPERIMENTAL 
Yitrium. Since yttrium was much more avail- 
ble than the heavy rare earths, and since its metal- 
gy seemed likely to be similar to that of the heavy 
ve earths, it was first used as experimental material 


determine the conditions which would most likely 
swceed with the heavy rare earths. Yttrium oxide 


“9 per cent pure, containing gadolinium oxide and 
vsprosium oxide as the major impurities, was the 


Jarting material. 


In the first reduction of yttrium chloride, the 
jarge Was heated to about 1350° to 1400°C, when 
olent evolution of dense fumes began, and the 
mace Was shut off. The charge was found to have 
elted down well, but, on leaching, the yttrium 


metal Was obtained as 14 grams of sponge, represent- 


ga%) per cent yield; this material was arc-melted 
‘give a solid button which contained 0.05 per cent 
Jcium as the major impurity. Since yttrium chlo- 
de and calcium were the most volatile materials 
the reaction mixture, the vaporized material could 
ave been the result of a reversal of the reaction in 
hich yttrium chloride and calcium were given off. 
‘o remove this possible source of trouble, yttrium 


‘uoride was chosen as the next halide to reduce, as 


' reportedly has a much lower vapor pressure than 
te chloride (13). A 3.5-gram reduction of yttrium 


‘uoride was carried out by heating the reaction mix- 


ire to a temperature of 1550°C and holding at this 
emperature for 5 minutes without evidence of the 


lease fumes observed when the chloride was _ re- 
juced. The product was a fused disk of metal repre- 
venting a yield of 99 per cent + '9 per cent. A second 
reduction of 35 grams of yttrium fluoride also gave 


nice y formed disk, but the yield was only 84 per 


ret, jue to a poor batch of fluoride. A subsequent 
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reduction on this same scale gave a 99 per cent + 
14 per cent yield. All of these samples of yttrium con- 
tained about 0.1 per cent each of calcium and tan- 
talum; the calcium content dropped to 200 ppm on 
vacuum melting in a tantalum crucible. The tan- 
talum was found to be present as an intermetallic 
compound of undetermined composition which could 
be separated by dissolving away the yttrium in hy- 
drochloric acid. In order to reduce this contamina- 
tion, a reduction of yttrium fluoride was carried out 
in which the charge was heated as rapidly as possible 
to 1500°C, and then immediately cooled. By this 
technique, the tantalum content of the product metal 
could be reduced to less than 500 ppm at a sacrifice 
of about 5 per cent in the yield of metal. 

To prepare yttrium metal powder in high yields, 
and still be able to use the more conveniently pre- 
pared yttrium fluoride, a reduction of yttrium fluo- 
ride was carried out in, which sufficient calcium chlo- 
ride was added to the charge so that the final slag 
composition was 20 per cent CaCl.-80 per cent CaF», 
with a melting point of about 1140°C. By heating 
the reaction mixture to 1300°C, essentially complete 
reduction was obtained to give a sintered powder in 
a 98 per cent yield. However, even the CaCl.-CaF, 
mixture was difficult to remove completely from the 
powdered metal, and the chloride reduction remains 
the best method for preparing powdered metal. In 
the remelting of several samples of yttrium, the melt- 
ing point as observed with an optical pyrometer was 
1450° + 20°C. 

Erbium.—Erbium oxide 99.9 per cent pure (0.1% 
other heavy rare earths) was the starting material 
for this work. As in the case of yttrium, erbium metal 
wes prepared on a 35-gram scale by reducing the 
chloride and fluoride with calcium. Sponge metal 
was obtained when the chloride mixture was heated 
to 1400°C, and well-fused metal resulted when the 
fluoride mixture was heated to 1550°C. Very good 
yields (99% + 45%) were obtained when the re- 
action mixture was held for 5 minutes at 1550°C, 
with the introduction of about 0.1 per cent tantalum. 
By heating only to 1500°C and cooling immediately, 
as was done with yttrium, the tantalum content 
could be reduced to about 0.05 per cent at a sacri- 
fice of about 5 per cent in the yield. Yost, Russell, 
and Garner (9) report a melting point for erbium of 
1250°C, followed by a question mark. The authors’ 
results would indicate a melting point between 1400° 
and 1500°C. 

Holmium and dysprosium.—The holmium oxide 
used was 99 per cent pure, with 1 per cent dyspro- 
sium oxide and less than 100 ppm erbium oxide be- 
ing the detectable impurities. The dysprosium oxide 
was 98 per cent pure, containing 2 per cent yttrium 
oxide. The fluorides of these elements were reduced 
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by the rapid heat technique to give 96 per cent yields 
on a 35-gram scale. The melting points of these 
metals, as observed in remelting operations by an 
optical pyrometer, were in the range 1400°-1525°C. 

Terbium.—A 10-gram sample of 60 per cent Tb,O; 
(balance, mixed heavy rare earths) was converted 
to the fluoride and then reduced by the rapid heat 
technique at a temperature of 1550°C. A fused sam- 
ple of metal was obtained which represented a yield 
of about 80 per cent. The lower yield on this smaller 
scale of reduction could undoubtedly be improved 
by more rigorous degassing of the furnace and by 
maintaining a more anhydrous atmosphere around 
the charge during handling. Since the metal obtained 
was not pure terbium, the fact that it melted below 
1550°C cannot be used as a basis for stating that the 
melting point of the pure element is also below this 
figure. 

Thulium.—Ten grams of thulium oxide, contain- 
ing 2 per cent ytterbium oxide as the only detectable 
impurity, was the starting material for the thulium 
preparation. This case was particularly interesting 
since ytterbium was known to have a stable divalent 
state like samarium, and would probably behave 
like samarium. In the reduction of gadolinium-sa- 
marium mixtures, it was found (2) that the samarium 
remained in the slag, effecting a very clean separa- 
tion from gadolinium in the preparation of the metal. 
The thulium fluoride-calctum mixture was heated 
by the rapid heat technique to about 1600°C, pro- 
ducing a 70 per cent yield of fused ytterbium-free 
thulium metal. The melting point of thulium is esti- 
mated to be between 1500° and 1600°C. The lower 
yield obtained in this reduction could undoubtedly 
be improved by the modifications recommended for 
terbium. An analysis of the slag showed the yt- 
terbium to be present in this phase. 

Y tterbium.—Although the thulium reduction had 
given a clear indication that ytterbium fluoride could 
not be reduced to the metallic state by calcium, an 
attempted reduction was carried out on a 3.5-gram 
scale. When the temperature of the reaction crucible 
reached 1050°C, fumes began distilling from the 
reaction mixture, and, as the heating continued, the 
fumes finally became so dense as to obscure all 
light from the reaction vessel. From the length of the 


heating period, it was estimated that the temyeraty, 
reached at least 1550°C. On opening, a sma!! bit 
fused salt was found in the crucible which y.), 
diffraction analysis showed to be calcium flyorid 
slightly contaminated by another phase. Inside 4); 
furnace chamber, a dark green, sooty deposit wy. 
found, which, because of its color, was assumed 
be ytterbous fluoride. This would indicate a highp, 
volatility for this compound than is consistent wir) 
data in literature (13). 

X-ray diffraction patterns were obtained of poy 
dered specimens of all of these metals, and, in gener, 
they agreed within the limits of experimental erry, 
with the data given by Klemm and Bommer (8). 

Due to their unavailability in the past, the heay) 
rare earth metals have not received extensive stud) 
Further work is now under way in this laboratory « 
these metals; results will be published in the futur 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1954 issue of tl 
JOURNAL. 
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Polarography in Glycerol at Elevated Temperatures’ 


Tuomas Dr Vries AND Dovuatas B. Bruss 


Department of Chemistry, Purdue University, Lafayette, Indiana 


ABSTRACT 


The advantages of polarography at higher temperatures are that degassing is not 
necessary, maxima are less frequent, and sensitivity is greatly increased. The variation 
of diffusion current was linear with molarity and with temperature. The half-wave 
potentials tended to shift to more negative values with increasing temperature and con- 
centration. The diffusion current varied inversely as the square root of the viscosity of 
the solvent. Benzaldehyde, fumaric acid, meta- and para-nitrobenzoic acid, and nitro- 
cycloheptane were reduced at the dropping mercury electrode. The supporting electrolyte 
was 0.1M lithium chloride, with silver-silver chloride as a reference electrode. The 


temperature range was 70° to 120° C. 


INTRODUCTION 


Up to the present, few papers have been published 
on polarographic reductions in nonaqueous solvents. 
Even fewer publications have appeared in which a 
viscous solvent such as glycerol has been used. Most 
such work has been done in aqueous or semi-aqueous 
solvents at room temperature, and, as a result, few 
data have been collected on the effect of tempera- 
ture at the dropping mercury electrode. 

Nejedly (1) made polarographic analyses in aque- 
ous solution at temperatures up to 100°C. The dif- 
fusion currents, in general, increased with tempera- 
ture about 2.5 per cent per degree. The temperature 
coefficient of the diffusion current was deduced theo- 
retically by Ilkovic (2). For the majority of metallic 
ions, the increase in diffusion current should be near 
1.63 per cent. 

Skobets, Turov, and Ryabokon (3) demonstrated 
that at 50°-60°C the waves obtained at stationary 
electrodes are higher than at normal operating tem- 
peratures, and that no maxima were observed. 

Radin and De Vries (4) used anhydrous glycerol as 
solvent at room temperature and obtained waves for 
|-nitropropane and 2-nitropropane. Waves were not 
obtained for larger molecules since they could not 
diffuse in the viscous solvent. 

In this research, polarographic reductions were 
investigated at elevated temperatures to ascertain 
if such reductions were feasible in glycerol as solvent, 
and if the Ilkovie equation was obeyed for the organic 
compounds studied. 


EXPERIMENTAL PROCEDURE 


The current-voltage curves were obtained with a 
Sargent Model XXI recording polarograph. The gal- 


‘Manuseript received April 27, 1953. This paper was 
Prepared for delivery before the New York Meeting, April 
12 to 16, 1953. 


vanometer was undamped to avoid the necessity of 
a correction in the calculation of the half-wave po- 
tentials. Prior to use, the instrument was checked 
with a standard resistor. 

An oil-filled thermostat was used in this investi- 
gation and controlled to +0.2°C. 

A silver-silver chloride electrode served as the 
reference electrode, and was prepared from 2 in. of 
No. 22 platinum wire, wound into a tight spiral and 
sealed in a short length of 8-mm Pyrex tubing. Silver 
was electroplated on the wire by electrolyzing for 
3 hr in a 0.05 molar KAg(CN), solution at 4 ma. 
The electrode was then used as the anode for one- 
half hour in 0.1N HCl solution. 

The same capillary, made from marine barometer 
tubing, was used for all the determinations reported 
in this paper. The value of m?/*¢'/® was in the range 
2.44 to 2.53 for all the temperatures used. 


Materials 


The organic compounds, benzaldehyde, fumaric 
acid, m-nitrobenzoic acid, p-nitrobenzoic acid, and 
nitrocycloheptane, were carefully purified in the ap- 
propriate manner either by fractional distillation or 
recrystallization from solvents. 

Lithium chloride was synthesized from reagent 
grade HCl and Li.COs;, and was recrystallized from 
methyl alcohol to purify it. 

The glycerol used was distilled and the fraction 
which came over at 145°-150°C at 3 mm Hg was 
collected. 

It was easiest to make up the solutions by weigh- 
ing the constituents. In practice a stock solution, 
which was 0.1.M with respect to LiCl, was prepared, 
and sufficient amount of the reducible compound 
was added to give a solution of approximately five 
times the desired concentration. This solution was 
then diluted with glycerol, 0.1M in LiCl, to the 
desired concentration. It was found that the major- 
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ity of the compounds dissolved more readily if the 
glycerol was preheated to 100°C. 

Due to the hygroscopic nature of the glycerol, 
the polarographic cell was kept at 100°C for 20 
min before any determinations were made at a lower 
temperature. This was deemed sufficient to remove 
any residual traces of water. Degassing of the solu- 
tions was not necessary for any of the analyses. 
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SQUARE ROOT OF FLUIDITY 


Fig. 1. Variation of diffusion current of m-nitrobenzoic 
acid with viscosity. A—0.00033 molar; B—0.00070 molar; 
C—0.00090 molar. 


TABLE I. Variation of diffusion current with temperature 
(0.00033.M m-nitrobenzoie acid) 


Temp, °C m2/aple Product ian'!2 
70 1.11 2.49 0.506 0.79 
SO 1.35 2.50 0.322 0.77 
90 1.76 2.51 0.212 0.81 
100 2.30 2.52 0.146 0.88 
110 2.76 2.52 0.105 0.85 
120 3.03 2.52 0.078 0.85 
130 3.39 2.53 0.060 0.83 


Temperatures higher than 140°C were not used 
since the silver-silver chloride electrode began to 
behave erratically. In many cases the plateaus of 
the curves became extremely irregular above 130°C. 

When the recording polarograph indicated that the 
reduction potential was reached, a mercury drop 
collector was placed underneath the capillary, and 
25 drops were timed and collected. This gave the data 
for the calculation of m?/*t''/® for each run. After 
each determination, a Serfass conductance bridge 
was used to measure the cell resistance. This was 
used in correcting the half-wave potential for the 
IR drop through the cell. 


RESULTS AND Discussion 


Benzaldehyde was the first compound reduced in 
this investigation. A 0.0012 molar solution in 0.1N 


1953 


LiCl was prepared and polarographic determi ation, 
run from 110° to 140°C at 10° intervals. A; {19 


and 120°C, well-defined waves were obtained, }yy 


| 


MICROAMPERES 
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2 4 6 8 
MOLARITY x 10° 


Fic. 2. Variation of diffusion current of m-nitrobenzoi 
acid with concentration and with temperature. A—70" 
B—s0°C C—90°C; D—100°C; E—110°C; F—120°C, 


TABLE II. Data for 0.00018M m-nitrobenzoic acid 


Time for | Weight for Diffusion 


70 78.8 230 2.47 0.59 0.80 
80 77.6 227 2.47 0.74 —().8] 
90 77.2 228 2.48 0.93 —().S] 

100 76.4 226 2.49 1.22 —().82 
110 75.9 225 2.48 1.59 —(),82 
120 75.5 226 2.50 1.77 0.84 
130 74.6 224 2.49 2.10 —().82 
140 73.2 223 2.48 2.18 —0.82 


TABLE III. Dependence of diffusion current on concentration 
(m-nitrobenzoie acid) 


Diffusion Half-wave Diffusion Half-wave 

Molar conc current, potential, current, potentia 
70°C 70°C 

0.00018 0.59 —(0. S80 0.74 —().81 
0.00033 1.11 —0.80 1.35 0.81 
0.00070 2.3 S80 2.85 
0.00090 2.87 —(0.82 3.60 —().82 
0.00127 3.96 —O0.82 4.98 —().82 


those at 130° and 140°C were considerably reduced 
in step height, indicating that the benzaldehyde wa: 
distilling out of the glycerol. These results indicat: 
the limitations imposed on reductions at higher tem 
peratures. The compounds selected must have high 
enough boiling points to prevent their distillation 
from the cell solution. At 110°C, the diffusion cur- 


rent was 3.54 wa, the drop time of the capillary was 
2.9 sec, and the value of m?/*f!/® was 2.49. The hall 
wave potential was —1.41 volts measured with th 
silver-silver chloride reference electrode. This makes 
the £,,. —1.36 volts on the saturated calome! ele 
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trode scale, assuming that the activity of the Cl- of 
the 0.1N LiCl in glycerol is about 0.08. 

The reduction of fumarie acid was studied at 10° 
intervals in the range from 100° to 140°C, using a 
000085 molar solution, with 0.1N LiCl as support- 
ing electrolyte. A single wave was obtained in each 
vase, the step height increasing with temperature, 
ys one Would expect. At 100°C, the diffusion cur- 
rent was 2.21 wa and the value of m?/*t'/® was 2.43. 
The half-wave potential was —1.20 volts, measured 
against the Ag-AgCl electrode. 

The reduction of p-nitrobenzoic acid was studied 
at 10° intervals from 70° to 120°C, using a 0.00094 
molar solution in 0.1N LiCl. A single wave, with an 
almost vertical step and well-defined plateau, was 
observed in each case. At 100°C, the diffusion cur- 
rent was 5.72 wa, the value of m?/t'/® was 2.51, and 
the half-wave potential was —0.80 volt. 

Extensive determinations were made of m-nitro- 
benzoic acid at varying concentrations and diffe ent 
temperatures. Four solutions, ranging from 0.00018 
to 0.00090 molar, were used at temperatures from 
70° to 130°C. In order to investigate the stability 
of the solutions, a cell would be heated to 100°C for 
several hours and a second curve obtained. The 
values for the diffusion current did not vary more 
than 0.04 wa in any of the curves obtained. 

The waves were regular and well-defined for tem- 
peratures from 70° to 120°C. In many of the waves, 
particularly those above 110°C, a slight dip occurred 
before the wave levelled off to its constant value. 
This irregularity was not always apparent and did 
not hinder the measurement of the diffusion cur- 
rent and half-wave potentials. It was eliminated by 
the addition of small amounts of maxima suppres- 
sor or trace amounts of water. Moreover, it was not 
a funetion of the reducible species, as it occurred 
in most of the compounds investigated. It was, 
therefore, attributed to some solvent effect. At tem- 
peratures above 120°C, the plateaus became irregu- 
lar and difficult to measure. An attempt was made, 
without success, to eliminate this irregularity by 
using a mercury pool in place of the Ag-AgCl refer- 
ence electrode. Small concentrations of maxima sup- 
pressor also had no effect. At still higher tempera- 
tures, up to 160°C, decomposition of the reference 


electrode occurred, and the diffusion current no 
longer varied in a linear manner with temperature. 

From 70° to 130°C, the diffusion current increased 
linearly by a threefold factor. This increase is as- 
sociated with the decrease in viscosity of the solvent, 
and is approximately proportional to the square 
root of the fluidity. Fig. 1 illustrates the linear rela- 
tionship between the diffusion current and the square 
root of the fluidity for three solutions of m-nitro- 
benzoic acid, with 0.1N LiCl as supporting elec- 
trolyte. The data for the 0.00033 molar solution is 
given in Table I. The data in the last column show 
to what extent this linear relationship is true. The 
viscosities of glycerol were obtained from the litera- 
ture (5, 6). 

The diffusion currents were proportional to the 
molarity of the compound, as required by the Ilkovie 
equation. A slight tendency to deviate from linearity 
can be noticed in the curves for the data obtained 
at 90°C and higher (see Fig. 2). At 70° and 80°C, 
the linear relation held very well. Typical data for 
0.00018 molar m-nitrobenzoic acid solutions at var- 
ious temperatures are given in Table II, and data 
for various concentrations at 70° and 80°C in Table 
Il. 

The last compound investigated was nitrocyclo- 
heptane, which had not previously been reduced at 
the dropping mercury electrode. It exhibited a single, 
well-defined wave with a half-wave potential of 
— 1.94 volts at 80°-100°C. A 0.0001 molar solution 
in 0.1N LiCl as supporting electrolyte showed a 
diffusion current of 3.84 va and the value of m?/*f'/® 
was 2.51 at 80°C. 


Any discussion of this paper will appear in a Discus- 
sion Section, to be published in the June 1954 issue of the 
JOURNAL. 
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ciency of cell operation. 


INTRODUCTION 


Murray and Kircher (1) described a method for 
determining the current efficiency of the Hooker 
Type 8 diaphragm cell for the electrolysis of sodium 
chloride brine by means of the analysis of the chlo- 
rine gas. The method was worked out during an in- 
vestigation of the effect of various operating condi- 
tions on the current efficiency of a cell. Conditions 
such as brine feed rate, brine purity, current density, 
etc., were controlled rather accurately on one cell, and 
all significant analytical data were taken by the 
methods of Kimball and Tufts (2). The present paper 
describes how the gas analysis method has been 
applied in determining current efficiency for an en- 
tire plant. During the past five years, the method 
has been used for daily determination of current 
efficiency. 


PRINCIPLE 


The method is based on Faraday’s law as applied 
to the reactions taking place in the anode compart- 
ment of the cell (1). The anode processes are the 
discharge of chloride ions to form chlorine gas and 
the discharge of hydroxyl ion or other oxygen-bear- 
ing ions to form oxygen. Any process causing oxygen 
formation requires expenditure of four Faradays per 
mole, whereas the formation of chlorine requires two 
Faradays per mole. A considerable portion of the 
anodically formed oxygen combines with the graphite 
anode to form carbon dioxide and carbon monoxide. 
Hence, in calculating current efficiency from gas 
analysis, oxygen present in the form of carbon mon- 
oxide and carbon dioxide must be accounted for, 
as well as free oxygen. 

Chlorine formed at the anode which dissolves in 


‘Manuscript received December 29, 1952. This paper 
was prepared for delivery before the Montreal Meeting, 
October 26 to 30, 1952. 


Determination of Current Efficiency of Diaphragm 
Alkali-Chlorine Cells by Gas Analysis’ 


M. 3. Kirrcner, H. R. Eneue, B. H. Rirrer, anp A. H. Bartierr 


Hooker Electrochemical Company, Niagara Falls, New York 


ABSTRACT 


A description is given of a method for determining current efficiency of an alkali- 
chlorine plant simply by an analysis of a cumulative sample of chlorine cell gas, rather 
than by the more laborious method of measurement of the entire production and current 
input. A method of obtaining a 24-hr cumulative sample of gas at a uniform rate is 
described. Essentially the method of calculation is based upon the fact that the ratio 
of carbon dioxide and oxygen to chlorine in the cell gas depends upon the current effi- 


the anolyte and enters into reactions such as the 
formation of chlorate ion is not accountable by gas 
analysis, but may be estimated separately from 
analysis of the anolyte. 

Chlorine current efficiency may be expressed as 


Chlorine CE 


“Cl + %CO + 2(net %CO, + net 


+ Cl, (dissolved) 


The compositions are all in volume per cent. Net 
CO, is that formed at the anode which equals total 
carbon dioxide in the chlorine gas, minus carbon 
dioxide in the chlorine gas derived from carbonate 
in the feed brine. 

Net O, is that formed at the anode, which equals 
oxygen in the chlorine gas, minus oxygen derived 
from leakage of air into the chlorine gas. 

Dissolved chlorine is given by the loss of chlorine 
from the anode gas by solution in the anolyte in the 
form of Cl, HOCI, ClO-, and ClO;-, and passage 
through the diaphragm, expressed as volume per 
cent chlorine in the chlorine gas. 

The magnitude of the various anode processes is 
shown in Fig. 8 of Reference (1). 

The analytical data for determining the quan- 
tities for the above equation are outlined briefly 
as follows. Chlorine gas is collected continuously at 
a uniform rate for a period, such as 24 hours. A por- 
tion of the accumulated sample is withdrawn into 4 
sampling device containing an alkaline arsenite solu- 
tion free of chloride and carbonate. Oxygen, hydro- 
gen, carbon monoxide, and nitrogen are determined 
by an Orsat analysis of the gas not absorbed by the 
arsenite solution. Chlorine is determined by a chlo- 
ride determination of the arsenite solution, and ca 

bon dioxide is determined by an evolution metho‘ 
from another aliquot of the arsenite solution. 
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The carbon dioxide derived from the brine is 
based upon the analysis of a brine sample collected 
juring the same period as the gas sample, and upon 
the ratio of NaCl to NaOH in the caustic liquor 
yhich indicates accurately the amount of brine fed 
») the cells corresponding to a given chlorine pro- 
duction ).” 

The oxygen content in the chlorine derived from 
lakage of air into the chlorine can readily be de- 
‘ermined from the value for nitrogen obtained in the 
Orsat analysis of the gases. 

The “free chlorine” and chlorate content of the 
anolyte, multiplied by the volume of flow through 
ihe diaphragm, was determined for several cells 
perating under typical conditions. A factor of 0.6 
yer cent Was obtained as a typical value for our 
onditions, and was assumed as a constant in the 
formula. This factor, of course, is not a constant and, 
hence, for any determinations where the current 
eficiency is considerably lower than the typical 95— 
7 per cent, experimental values for “dissolved chlo- 
ne” in the anolyte shou'd be obtained. 

The current efficiency obtained by (I) is the chlo- 
rue current efficiency. In the case where the brine 
feed is neutral and the sulfate content is relatively 
ow, the chlorine current efficiency is equal to the 
caustic current efficiency. 

Alkali in the brine results in the chlorine efficiency 
veing lower than the caustic efficiency in an amount 
equivalent to the alkali added. Conversely, acid in 
the brine results in the chlorine current efficiency 
being higher than the caustic current efficiency. 
Reducing substances such as sodium tetrasulfide 
3), which may be added to the brine for the pur- 
pose of reducing graphite anode consumption and 
chlorate content of the caustic soda, react with 
chlorine in the anolyte to produce acid. The effect 
on the gas analysis is the same as adding acid in the 
brine; however, since chlorine is consumed, the chlo- 
rine current efficiency indicated by the formula would 
uot be a true measure. A true measure may be ob- 
lained by substracting, from the current efficiency 
idieated, the current efficiency equivalent to the 
reducing agent added. Actually, however, when acid 
‘rine or reducing agents in brine are used, the oxy- 


*For simplicity, it has been assumed that all sodium 
carbonate introduced in the brine is released as CO: in the 
chlorine; however, samples of cell liquor carefully with- 
drawn in a CO»-free atmosphere have shown a carbonate 
‘ontent corresponding to approximately ',9 of the carbon- 
ate in the brine (1). Hence, it would be more accurate to 
multiply the amount of CO, introduced in the brine by a 
‘sector of 0.9 or other experimentally determined factor 
‘hich might be obtained with a given type of cell, given 
‘mperature, pH of anolyte, etc. If this factor were in- 
“luded it would presumably be determined as an average 
" several determinations, and would be included as a 
‘onstant, rather than a variable, in the equation. 
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gen and carbon dioxide content of the chlorine tends 
to become so small in relation to the correction fac- 
tors that gas analyses are more profitably used as a 
guide than as a measure. 

The sulfate content of the brine does not enter into 
the calculations of current efficiency, since sulfate 
discharge at the anode has the same effect as hy- 
droxyl ion discharge in that it results in the forma- 
tion of oxygen and carbon dioxide (1). Hydrogen 
ions produced by sulfate discharge neutralize hy- 
droxyl ions coming through the diaphragm; hence, 
when the sulfate discharge is appreciably less than 
the hydroxy] ion migration through the diaphragm, 
neither the chlorine current efficiency nor caustic 
current efficiency are affected by the presence of 
sulfate. Normally, with 5 g/l NaeSO, or less in the 
brine, sulfate discharge amounts to less than 1 per 
cent current efficiency, whereas hydroxy! migration 
through the diaphragm may typically amount to 
4 per cent. 


Meruop oF OBTAINING CONTINUOUS SAMPLE 


In order to calculate a daily current efficiency, it 
is necessary to obtain a sample of chlorine gas which 
represents the average production for a day. The 
most convenient point from which to take the gas 
sample for analysis is from the line following the 
gas compressors. At this point, the gas has been 
cooled and dried and is typically under a pressure 
of approximately 30 psig. Sampling has been car- 
ried out by two different methods. The first method 
used was to displace sulfuric acid continually from a 
19-liter glass carboy, the displaced acid flowing into 
a second glass carboy, having a 47-liter capacity. 
The second carboy was elevated above the first so 
that the gas sample was always under pressure. A 
needle valve in the line to the first bottle was regu- 
lated so that the flow of gas could be adjusted to 
uniform rate to displace approximately 15 liters of 
acid over a 24-hr period. The first bottle was painted 
to prevent action of light on the gas mixture; a 
safety seal was provided to prevent excessive pres- 
sure being applied on the glass bottles, and a bubbling 
bottle was inserted in the feed line after the needle 
valve to provide a visual guide for adjustment of 
the needle valve. 

Although the head of sulfuric acid against which 
the gas was admitted to the sampling bottle in- 
creased by approximately 18 in. from beginning to 
end of the sample period, the pressure drop across 
the needle valve varied only approximately 4 per 
cent because of the 30 psig pressure at the valve 
inlet. This sampler, although extremely simple and 
satisfactory with respect to its intended function, 
was considered hazardous because of the possibility 
of breakage of the glass and spillage of sulfuric acid. 


ty 
the 
gas 
= 
(I 
Net 
otal 
bon 
rate 
uals 
ved 
e of 
rin 
the 
per 
rat 
03a 


450 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


Hence, it has been replaced by a second type of 
sampler. 

The second type of sampler, shown in Fig. 1, con- 
sists of a pair of 150-lb chlorine cylinders which can 
be used alternatively as receivers. Each cylinder is 
evacuated before use by a mechanical vacuum pump 
to 0.2-0.3 in. mercury, and then filled over a period 


6 
' 5 
3 


Fic. 1. The cumulative chlorine gas sampler is made up 
of the following parts: x—Lunkenheimer steel, bar stock, 
needle valves, '4 in.; 1—Aluminum gel drier, glass wool 
packed at ends, length 19 in., (480 mm) diameter 3 in. 
(77 mm), made from 3-in. pipe; 2—activated carbon car- 
tridge, 2 in. (51 mm) in diameter and 7 in. (179 mm) long; 
3—snatch sample line; 4—Hoke valve, bellow seal, ‘4 in., 
Catalog No. 433; 5—flowmeter, Fischer-Porter Rotameter 
to pass 130 cc/min of Cl, at 35 psig, stainless steel fittings 
and glass float; 6—flow controller, Moore flow controller, 
Model 63 SU, connections '4 in. IPS, manufactured by 
Moore Products Company, Philadelphia, Pa.; 7—sample 
cylinders, inverted 150 lb (68 kg) chlorine cylinders cut, 
flanged, and joined by the flanges; S—gauges, Crosley 
pressure-vacuum chlorine gauges, 30 in. (760 mm) vacuum 
to 30 psig (2.1 kg/em*); 9—plugeocks, 5, in. Merco Nord 
strom; 10—cumulative sample lines; 11—mercury manom- 
eter, protected by a Fluorolube seal, Merriam Instrument 
Company, Type W, Model A-786, Ser. No. C-11373, range 
12 in. (307 mm), Fluorolube from the Hooker Electro- 
chemical Company; 12—Cenco pressovac 4 pump, filled 
with Fluorolube 8; 13—ventline to low pressure turbine. 


of 24-72 hours. Dry, compressed gas at approxi- 
mately 30 psig is fed through an alumina gel filter, 
1, an activated carbon filter, 2, manual control 
valve, 4, rotameter, 5, and “flow controller,” 6, 
to either of the evacuated cylinders, 7. The activated 
alumina and activated carbon filters remove traces 
of organic material, pipe scale, ete., which might 
cause blockage of the valves or flow controller. The 
filters are renewed after approximately three months 
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of operation. Manual control valve 4 is set to give 
a flow rate such that the cylinder is filled to 29-9; 
psig pressure within the sampling period desire 
A flow rate of 100 ml/min is required for « 24.), 
sample. The flow controller maintains a constay 
pressure on the downstream side of valve 4 so thy 
there is a constant differential pressure across yalyp 
4 at any given setting of that valve. 

When the sample has been collected, the cylindy 
is closed off from the feed line; the alternate cylinde; 
having been previously vented and evacuated. 
connected to the feed line, and the flow of chloriy, 
gas is regulated by valve 4 again to fill the cyling, 
in the period desired. This period is usually 24 hour 
but may be extended over a weekend. 

The method of analysis used for the chlorine gas 
sample is that developed by Kimball and Tufts (2 
for earlier work on the current efficiency method 
This consists of absorbing a chlorine gas sample 
alkaline arsenite contained in a specially constructed 
jacketed, absorbing pipette. The residual gases oy: 
the alkaline solution are transferred to an Ors) 
apparatus, measured, and analyzed by convention 
methods. The absorbing solution is rinsed into 
volumetric flask and made up to volume with C0 
free water. An aliquot is titrated by the Volhard 
method as modified by Caldwell and Moyer (4) { 
chlorine, and another aliquot is analyzed for CU 


by an evolution method, followed by absorption | 
excess alkali, and titration of the excess alkali wit! 
acid. 

Omission of the cooling reservoir around the al 
sorbing pipette still permits absorption of 5-7 liter 
of gas satisfactorily without getting too warm, ani 
is much simpler to build and use. 

Improvements in the analysis of the residual gase- J 
increased the efficiency and speed with which the~ 
analyses are carried out. 

It was found desirable to remove the traces of les 
volatile constituents, chlorocarbons and chlorohy 
drocarbons, from the residual gases before thet 
analysis in order to prevent fouling of the combus 
tions. This was done by installing a cold trap pipet' 
on the gas analyzer and passing the gas through !! 
until no further contraction is observed. Dry ice an¢ 
methanol were added as coolant. 

The gas so treated can be passed over the platinun 
spiral to burn the hydrogen to water and the carbo! 
monoxide to carbon dioxide. The carbon dioxid 
formed is absorbed in 30 per cent NaOH solutio! 
and is a measure of the carbon monoxide. The by 
drogen is calculated from the contraction. The re 
sidual oxygen is absorbed in a copper-NH,O!1 
pette. Total oxygen is calculated from the residus 
and that used in burning hydrogen and _ carbo! 
monoxide. 
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C\LCULATION OF CURRENT EFFICIENCY 


The volumes of all the gases are corrected to stand- 
yd conditions, and the volume per cent of each is 
aleulated. The cell liquor, for the period over which 
gs is collected, is analyzed for salt and caustic 
oda. The feed brine is analyzed for salt and carbon 
dioxide (carbonate). 


TypicAL CALCULATION OF CHLORINE CURRENT 
EFFICIENCY 
\palytical data and constants: 
sult caustic ratio of the cell ey. (g NaCl/ 


1000 NeOH)......i.... 
salt required to produce 1000 g NaOH 
Chlorine equivalent to 1000 NaOH. .. ¢ 
Weight of chlorine gas per liter STP........ 3.214 g 
Weight of carbon dioxide per liter STP... .. 1.977 g 
NaCl in feed brine 26.55% 
Equivalent CO, in feed brine............... 0.031% 
Chlorine gas analysis (volume per cent). re 
Chlorine 6 66% 
Carbon dioxide 1.77% 
Condensables at ~78°C 0.01% 


Caleulation: 
1189 + 1461)(0.3214) (0.967) 
886.3 


= (0.929 g wt of NaCl 

required to pro- 
duce the chlorine 
in 100 ml of gas 
sample 
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Pes carat = 0.55 ml CO; from the brine 
= 0.55 volume % CO, from the 
brine in the gas sample 
1.77 — 0.55 = 1.22% CO: from the oxidation of 
graphite anodes 


AO (0.2049 i 
0.40 ).2049) = 0.10% O» from air 


0.79 
0.94 — 0.10 = ().84% Oz from the cell reaction 
Chlorine current efficiency = 


96.66 (100) 
= 95.3% 
96.66 + 0.08 + 2(1.22 + 0.84) + 0.6 


Chlorine current efficiency figures determined in 
this way and tabulated or graphed together with 
other operating data are a valuable control on cell 
operation. Also, in conjunction with ampere-hour 
meter readings on the direct current to the cells, 
the current efficiencies are used to determine cell 
production figures. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1954 issue of the 
JOURNAL. 
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The Electrochemistry of the First Layers of Electrodeposite 
Metals’ 


T. Mitus? anp G. M. 


Department of Metallurgy, University of Melbourne, Victoria, Australia 


ABSTRACT 


The electrolytic deposition of the first few atomic layers of a number of metals on 
gold and silver has been studied by the method of charging curves. Preliminary results 
have indicated the value of the method for studying the first stages of electrodeposition; 
in particular, the variations in the nature of the binding of the first atomic layers to the 


underlying metal have been found. 


INTRODUCTION 


Very little is known of the early stages of the 
processes which occur when a metal is deposited by 
electrolysis from aqueous solutions. It may be ex- 
pected that the early stages are of importance in 
determining the physical properties of the final 
deposit. Most of the work in this field has been 
concerned either with the deposition of radioactive 
substances from dilute solutions (1), or has been 
incidental to other work. 

Oberbeck (2) and, more recently, Nichols (3) 
showed that an electrodeposit of copper on platinum 
of the order of a few atoms thick behaved as a copper 
electrode. Bowden (4) followed the deposition of 
traces of metal impurities on a mercury cathode by 
observing the rate of depolarization of the cathode 
on open circuit. In the most recent investigations 
with radioactive metals, Rogers (5) studied the 
deposition of traces of radioactive silver on a platinum 
electrode. He showed that a film of the order of the 
first monolayer deposits at a more noble potential 
than the reversible potential calculated from the 
Nernst equation. Rogers interpreted this by de- 
veloping the concept of Herzfeld (6), who stated that 
the activity of a deposit should vary with the frac- 
tion of the surface covered. Rogers also added an 
additional term to the Nernst equation to take into 
account the energy of alloy formation of the deposit 
with the electrode. 

Bowden and Rideal (7) devised an experimental 
method for studying the variation of potential with 
the quantity of electricity passed in the earliest stage 
of the polarization of an electrode. The method has 
been used extensively to study the process occurring 
before the cathodic evolution of hydrogen and the 
anodic evolution of oxygen. Whenever there is a 
rapid linear variation of potential with the quantity 
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of electricity passed, the process is generally iden; 
fied as the charging of the electric double layer of «) 
metal-solution interface, and, from the slope of t) 
graph, the capacity can be obtained since (' - 
q/v, where C is the capacity in microfarads, ¢ th 
quantity of electricity in microcoulombs, and 

is the change of electrode potential in volts eq 
responding to q. 

When discharge of ions occurs to give adsorbed 
products or compounds with the electrode material, 
there is a step in the charging curve. This step iv. 
dicates (a) the potential range over which the ai. 
sorption or reaction occurs, and (b) the quantity 
electricity involved in the adsorption or reactio 
Hence, the number of atoms participating in tly 
process can be found, and, if the number of mets 
atoms per unit area of the electrode surface wen 
known, the nature and thickness of the film formed 
could be worked out precisely. The main difficulty 
in interpreting charging curve data is the determi: 
ation of the number of metals atoms per unit area 0/ 
electrode surface; this involves a knowledge of th 
ratio of the real to the apparent area of the electro 
surface, about which there is considerable unce 
tainty. A measure of this ratio can be obtained }) 
Bowden’s and Rideal’s (7) method, in which th 
capacity of the double-layer region on the “charging 
curve” of the electrode is compared with that « 
mercury, for which the ratio is taken to be unity 
This method at least enables the order of the fin 
thickness to be determined. Wagner (8) has recent!) 
used the method of comparing polarization capacities 
for determining the relative areas of silver surfaces 
prepared in different ways. 

The method of charging curves was originally ¢e- 
veloped by Bowden and Rideal (7) for the study « 
the electrodeposition of thin metallic films. The: 
and subsequent workers (9) became interested | 
the study of adsorbed oxygen and hydrogen film 
and to date little work has been done on metalll 
deposits. 

In the present investigation, the method © 
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harging curves was developed primarily to study 
vide films on gold and silver, and the effect of 
anions on these films. However, during the course of 
the work, some metallic films were studied, and this 
paper Will provide a brief account of an exploratory 
esearch concerned with the initial stages of the 
deposition of metal films on gold and silver. 


EXPERIMENTAL 


Charging curves may be obtained by either of two 
methods, one suitable for high current densities, the 
other for low current densities. In work at high 
wrrent densities, the. electrode is polarized at a 
vonstant current density, and the very rapid variat- 
on of the potential is followed oscillographically 
\0). At very low current densities, the change in 
potential oecurs slowly, and is followed over a 
period of minutes by taking successive readings from 
4 suitable electrometer (11). Because of its com- 
parative simplicity, the latter method was chosen 
jor the work described in this paper. In the technique 
developed, current densities of the order of 10-* 
0 10-7 amp/em? were used. On account of the very 
mall current densities employed, the solutions had 
wo be very carefully freed from extraneous depolari- 
zers, and the electrometer for measuring the potential 
had to be of a type which would draw negligible 
current from the electrode. A vacuum tube poten- 
tiometer drawing 8 X 10-" amp was used to 
measure the electrode potential, and twice-distilled 
water from an all-Pyrex glass still was used in pre- 
paring the solutions. Where necessary the reagents 
were recrystallized. 

The Pyrex glass apparatus, illustrated in Fig. 1, 
was used to remove oxygen from the solution and 
electrode vessel. The operation was as follows. The 
solution was contained in flask A. The electrode 
under study, in the form of a rectangular plate 
5 em* in area, was suspended in B on the tungsten 
hook, J, by a wire of the same material as the elec- 
trode. Vessels A and B were evacuated through C 
witil the solution boiled under reduced pressure; 
then by means of tap, D, nitrogen, freed from oxygen 
by passage over reduced copper at 400°C, was 
admitted into B, and bubbled into A through the 
solution. This cycle of operations was repeated three 
times, after which the solution was blown over into 
B by turning the two-way tap, D, to the appropriate 
setting. 

The cap, 2, was of soda glass with a standard 
ground-glass joint. Sealed through the top of E 
was a platinum wire which could be used as the 
auxiliary polarizing electrode. Alternatively, a wire 
electrode could be suspended from the platinum. 
The cap, F, could be removed and connection made 
to a saturated calomel reference electrode via an 
agar jelly-saturated KCl bridge. The purpose of 
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caps E and F was to render the system vacuum tight 
during the evacuation of the apparatus. Taps H and 
G were greased only around the ends of the barrel. 

The polarizing current was maintained constant 
within 1 per cent by means of a 90-volt supply and a 
bank of variable high resistors. Electrode potentials 
were measured against a saturated calomel reference 
electrode, and all potentials were recorded on the 
saturated calomel scale. A single polarization experi- 
ment took about 40 minutes; for most of the curves, 
the potential was recorded every minute. Where 
more detail was required, more frequent readings 
were taken, or smaller current densities were used. 
The current circuit was insulated throughout by 
polystyrene, and the glass surfaces of the apparatus 
were proofed against leakage by rings of polystyrene 
painted on from a benzene solution. 


Fig. 1. Apparatus used for (a) removing oxygen from the 
system, and (b) the polarizing experiments. 


RESULTS 
Deposition of Metals on the Gold Electrode 


A surface treatment, which was found to give a 
very reproducible gold surface, comprised a de- 
greasing in boiling aqueous caustic soda, an etching 
in hot aqua regia, and multiple washing in twice- 
distilled water. In Fig. 2, curve 1 shows the cathodic 
and anodic polarization of a treated gold electrode in 
0.1N NaeCO,. The slow process revealed on the 
anodic curve was the discharge of hydroxy] ions, 
accompanied by the formation of an adsorbed oxide 
layer on the gold. The final steady potential was the 
value corresponding to the oxygen overvoltage at the 
current density used. The arrest on the cathodic 
curve indicated the reduction of this oxide film, the 
quantity of electricity involved being 520 micro- 
coulombs/em*. Calculations showed that this film 
could be no more than one atom thick. This result 
is in accord with the observations of Armstrong, 
Himsworth, and Butler (12). The slope of the 
double-layer portion of the curve indicated a 
capacity of 70 uf /cm?, which is in agreement with the 
value obtained by Deborin and Ershler (13) for a 
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gold electrode etched in aqua regia. The deposition 
of the metals studied in this investigation occurs in 
the range —0.2 to —O8 volt on the saturated 
calomel scale. In this potential range, there is no 
adsorbed oxide film on the gold surface; in other 
words, the metals will deposit on a bare gold surface. 
In Fig. 2, curves 2, 3, and 4 show typical charging 
curves obtained with varying concentrations of 
lead, added as lead acetate. On the cathodic branch 
of curve 4, the deposition of lead started at —0.4 
volt, and, as lead was deposited, the potential fell 
slowly. When lead equivalent to 500 microcoulombs 
em* had deposited, there was a maximum at —0.775 
volt. Then the potential remained steady at —0.76 
volt as more lead was deposited. This steady po- 
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Fig. 2. Charging curves with a gold electrode; current 
density of 8 X 107 amp/em?*. Curve 1—9.1 NasCO,; curve 
2—saturated (0.04ANV)Ca(OH). with 4 * mole/liter of 
lead; curve 3—saturated lime with 4 kK 10-5 mole/liter of 
lead; curve 4—0.1N NaOH with 2.5 X 10°-* mole/liter of 
lead. 


tential was the same as that shown by a lead electrode 
in the same air-free solution, and it corresponded to 
the potential calculated for the reaction 


Pb + 20H- = Pb(OH), (sat.) + 2e. 


Using Latimer’s data (14), the reversible potential is 
calculated as —0.756 volt vs. S.C.E. at the pH of 
the solution (12.8). In view of the uncertainty as to 
the nature of the solid phase, and errors due to the 
high liquid junction potentials in such an alkaline 
solution, the agreement is partly fortuitous. When 
combined with the observation that the same po- 
tential is found with a lead electrode, there can be 
little doubt that the steady potential does, in fact, 
correspond to that for the deposition of lead. At 
higher current densities (with, of course, somewhat 


more negative potentials) a visible film of lead ea 
be deposited. 

Over a wide range of conditions, the deposition , 
lead equivalent to 500 microcoulombs/em:’ too) 
place before the electrode showed a steady potenti, 
corresponding to the reversible lead electrode po 
tential. It is natural to assume that the quanti 
of lead just mentioned represents approximately , 
monatomic layer. The value, 500 microcoulomh: 
em’, pertaining to lead is in good agreement with tly 
value obtained (520) for the adsorption of oxyge 
on the gold surface. A smooth gold electrode hy 
1.5 X 10" atoms em?*, and 500 microcoulombs eo; 
responds to 1.6 & 10% atoms. The surface of th 
etched gold will have a greater number of atoms 
em? than this figure calculated for an ideally smoot! 
electrode. Hence, although the lead film is of th 
order of a monatomic film, it most probably is les 
than a complete monolayer. 

The maximum at —0.775 volt in curve 4 of Fig 
2 suggests a temporary “overvoltage” in the proces 
of the growth of lead crystals. In other words, then 
is a temporary overvoltage effect which marks th 
transition from the initial stages of deposition to thy 
steady deposition at the reversible electrode po 


tential. This phenomenon is regarded as evidenc 
that there cannot be any discrete crystals of lea 
growing from active centers on the gold during th 
initial deposition. There is concordance between this 
idea and that of a more or less monatomic film a 
discussed in the previous paragraph. 

On anodic polarization, most of the lead was n 
moved at the reversible potential, and the amoun' 
corresponding to the last monatomic layer was 1 
moved over a potential range up to —0.3 volt. 

Both in the deposition and the removal of thy 
monatomic layer, a characteristic kink was observed 
at approximately the midpoint of the step. A 
nealing the gold electrode after etching reduced this 
kink considerably. 

The investigation covered the deposition of mets 
from numerous solutions of lead, the concentrations 
ranging from 10°* to 10°* molar, and the pil 
from 10 to 13. The potential at which the depositio 
started varied from —0.3 to —04 volt, but ther 
was no obvious regularity. Curves 2 and 3 in Fig. - 
are charging curves in solutions with smaller lead 
concentrations. In these cases, concentration polar 
zation occurred before massive lead started | 
deposit. The broken section of curve 3 corresponds | 
a region where depolarization of the eleetrode du 
to the deposition of lead supplemented the anodi 
polarization current and caused a rapid change |! 
potential. 

At lead concentrations below 5 X 10-° mole. |ite! 
the anodic limit of the curve was the formation 0! 
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ye oxide film and the evolution of oxygen. With 
pigher concentrations of lead, the formation of the 
xide film was interrupted at +0.3 volt, and the 
xidation of the lead to the plumbic state occurred. 
rhis was accompanied by a drop in potential, as can 
io seen in curve 4. Prolonged anodic polarization 
used a visible film of PbO, to form on the elec- 
yode. Reduction of the deposit of PbO. caused the 
ist arrest on the cathodic section of curve 4. 

Fig. 3 contains curves that show the deposition of 
hallium, antimony, bismuth, and nickel on gold. 
(urve | reveals the deposition of thallium from a 
NaeSO, solution containing 5 10-° mole/ 
ier of the thallium, added as TLSO,. The deposition 
{thallium started at —0.2 volt, and over the range 
» —O0.88 volt, thallium equivalent to 250 micro- 
olombs/em? was deposited. At —0.88_ volt, 
‘hallium was deposited at a steady potential. The 
rst stage of thallium deposition is equivalent to the 
«me number of atoms as that involved in the first 
position of lead, and there is a characteristic kink 
+ —0.5 volt on the curve. There is an overvoltage 
maximum of only 2 mv on the curve, indicating the 
ommencement of the deposition of massive thallium. 

Curve 2 shows the deposition of antimony, added 
s the oxide SbeO,. The first stage in the process re- 
uired microcoulombs/em? over a_ potential 
uge 0.25 volt more positive than the steady po- 
ential corresponding to the deposition of massive 
itimony. Similar behavior was described by 
Heyrovsky (15), who studied the deposition and 
wlution of antimony on a mercury electrode with an 
iternating potential. The slight maximum in the 
nodie curve at about —0.6 volt presents a puzzling 
ature. The effect is quite reproducible, and_ re- 
wires further investigation. 

The deposition of bismuth from Na»CO, 
wlution saturated with BiOOH by the addition of 
biiNOs)s is represented in curve 3. There was an 
sorption of bismuth over the potential range 
-0.2. to —0.5 volt, equivalent to 500 micro- 
uulombs em?. This is not as great as in the case of 
ead and thallium, bismuth being a trivalent ion. 
lhe potential at which the steady deposition of 
ismuth occurred corresponds with the potential of 
-0.53 volt caleulated for the reaction, 


30H- + Bi = BiIOOH + H.O + 3e 


it the pH of the solution, using Latimer’s data 
\4). In the experiment represented by curve 3, 
oncentration polarization occurred. The broken 
ine indicated the rapid potential change due to the 
lischarge of bismuth ions assisting the polarizing 
‘urrent. 

Curve 4 in Fig. 3 represents the deposition of 
uicke! from a O.1N NaSO, solution containing 1.7 
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10~ mole/liter of nickel added as the sulfate. At the 
current density of 8 X 10-7 amp/cm?® used, nickel 
ions were not discharged until —0.6 volt, and then 
the discharge was slow. The potential fell to —0.72 
volt before nickel deposited at a steady potential. 
This was 0.11 volt more negative than the potential 
of —0.61 volt calculated from the Nernst equation. 
The removal of the deposit gave a more usual type of 
curve. There was a slight overvoltage in the removal 
of the massive nickel, but the last layer, equivalent 
to 500 microcoulombs/cm?, was removed over the 
potential range —0.5 to —0.1 volt. It will be noted 
that the quantity of electricity required for the 
anodic curve is considerably less than that re- 
quired in the corresponding cathodic polarization. 
This feature is commonly observed in charging 
curves, but its explanation is obscure. It is perhaps 
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Fig. 3. Gold electrode, current density 8 X 107 amp/ 
em?. Curve 1—0.1IN NasSO, with 5 mole/liter of 
thallium; curve 2—0.1IN NasCO; with 7 X 10°° mole/liter 
of antimony ; curve 3—0.1N Na2CO; saturated with BiOOH; 
curve 4—0.1N NaeSO, with 1.7 10-* mole/liter of nickel. 


related to the discharge of H* ions, giving hydrogen 
adsorbed on or dissolved in the nickel; the reversible 
hydrogen potential in the solution is about —0.66 
volt. This curve indicates, as Hickling (16) showed, 
that the slow step in the deposition of nickel is the 
discharge of the nickel ion; once the nickel ion is 
discharged, it is bound quite firmly to the gold, as 
shown by the anodic curve. Reducing the current 
density increased the potential at which the cathodic 
curve started to bend; at a current density of 4 X 
10-7 amp/cm?*, the deposition of nickel started at 
—0.54 volt and the overvoltage was smaller. 


Deposition of Lead on Silver 


The silver electrode was given a treatment similar 
to that applied to the gold, except that the etchant 
used was 1:1 nitric acid. Curve 1 in Fig. 4 shows the 
charging curve of the silver electrode in 0.1N 
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NaOH. The slow process, represented on the anodic 
curve from —1.2 to —0.6 volts, corresponds to the 
adsorption of oxygen on the silver; the arrest on the 
cathodic curve denotes the reduction of this oxide 
film. This oxide film, which is stable at such cathodic 
potentials, exists only in alkaline solutions. Below 
pH 9, the adsorption of oxygen occurs mainly at 
a potential about 0.6 volt more noble than that of the 
above film at the same pH, and, at pH 4, there is no 
adsorption of oxygen at all, the charging curve being 
a straight line between the anodic dissolution of 
silver and the cathodic evolution of hydrogen. This 
curve (in Fig. 4) confirms the observations of 
Veselovsky (17), who made an extensive study of the 
adsorption of oxygen on silver by the method of 
charging curves. 
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Fic. 4. Silver electrode, current density 8 X 107 amp/ 
em?. Curve 1—0).1N NaOH; curve 2—0.1N Na.S0O,, acidi- 
fied to pH 4 with 3 XK 10-5 mole/liter of lead; curve 3— 
0.1N NaOH with 10‘ mole/liter of lead; curve 4—0.1N 
Na2CO, with 10-5 mole/liter of lead. 


Curve 2 in Fig. 4 represents the deposition of lead 
from a solution at pH 4 containing 3 X 10- mole/ 
liter of lead. At this pH, the silver electrode has no 
oxide film on its surface. Lead equivalent to 750 
microcoulombs/em? was deposited before the po- 
tential of the lead electrode calculated from the 
Nernst equation was reached. Concentration polari- 
zation just occurred at this concentration with the 
current density used. Curve 3 shows the deposition 
of lead from a 0.1N NaOH solution containing 10~‘ 
mole/liter of lead. An amount of lead equivalent to 
1,000 microcoulombs/cm? deposited before the re- 
versible lead electrode potential was reached on the 
cathodic curve. At the pH of a 0.1N NaOH solution, 
the oxide film on silver is not reduced until —0.9 
volt, so this lead deposit is on an oxide-covered 
surface. Curve 4 illustrates the deposition of lead 
from a 0.1N Na,CO, solution containing 10-° 
mole/liter of the lead. Concentration polarization 
occurred, and the potential fell to the discharge 
potential of hydrogen ions. The electrode was left at 
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this cathodic potential for 3 hours, allowing mop» 
lead to deposit, this being indicated by the broke 
section of the curve. The electrode was then anod. 
ically polarized. The lead in excess of the fir 
monolayer was removed at the potential shown }y 
the lead-saturated lead carbonate electrode, then tly 
last layer was removed at a more noble potential gy 
involved an amount equivalent to 1,000 micro. 
coulombs/cm?. 

The surface area of silver was not as reproducib)| 
as that of gold, and it decreased with time in goly. 
tion. This change of area was more evident | 
solutions of low pH than in alkaline solutions, and 
attributed to local action currents due to actiy 
centers on the silver surface. In acid solutions, th 
capacity of the double-layer region was 250 yuf/em 
and in alkaline solution it was 350 uf/em*. Thes 
capacities gave a ratio of 1:1.4 for the surface are 
of silver in a solution of pH 4, compared with silver 
in alkaline solutions. If the amount of lead involved 
in the initial deposition process was taken as 4 


TABLE I. Data from charging curve experiments on qoli 
and silver 


Gold Silver 
Double-layer capacity, uf/em?.... . 70 250-350 
Microcoulombs/em? involved in 
750-1000 


first stage of deposition of lead. . 500 


measure of the surface area, the value of 1:1.3 was 
obtained. This agreement, which was within tlh 
limits of the reproducibility of the surface co 
ditions of silver, indicated that the method maj 
prove quite useful. Erbacher (18) used a similai 
method for obtaining surface areas. He measured 
the deposition of a radioactive noble metal on a bas 
metal, caused by local action currents. He considered 
that, when a monatomic layer of the noble metal 
deposited, the process stopped. 

It is of interest to compare the data obtained in thi 
charging curve experiments on gold and silver 
shown in Table I. If it is assumed that the quantity 
of electricity involved in the first stage of deposition 
indicated the true surface area, then the ratio of th 
true area of the silver to that of the gold varies from 
1.5 to 2, depending on the pH. The ratio deduced 
from double-layer capacities varies from 3 to ° 
These figures suggest that the double-layer capacitie 
obtained for silver are too high. This was also thi 
opinion of Veselovsky (17), who suggested thal 
oxygen adsorption occurred over the entire regio 
of the polarization of silver. However, more 
perimental work is required before definite concli 
sions can be drawn about the possible value of this 
method for comparing surface areas of metals. 
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Discussion 


By suitable preparation of the basis metal, sub- 
gantial reproducibility of the general form of the 
wrves can be obtained, as shown in Fig. 5. This 
ijustrates the deposition of lead on a gold electrode 
fom 0.LN NaOH containing 2.5 X 10-* mole/liter 
of lead acetate, also shown in curve 4, Fig. 2. The 
initial deposition [1] is followed by removal of the 
deposit [1A], and finally by a second deposition [2]. 

Comparing [1] and [2], it will be seen that there is 
much less agreement for the quantities of electricity 
involved in the process occurring over the range 
_).4 te —0.76 volt. Fig. 5 has been chosen as an 
example of very poor reproducibility with regard to 
the quantity of electricity; in general, much closer 
agreement is obtained. Such variations in quantities 
may reflect variations in real surface area, or in the 
area available for deposition of metal. The electrode 
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Fic. 5. Deposition of lead [1], followed by removal of 
ead [LA] and a second deposition [2] from 0.1N NaOH with 
25 mole/liter of lead. 


areas may be compared by measurement of the 
coulombs required for the production or removal of a 
well-defined oxide film, such as that on gold. How- 
ever, it has to be assumed that the area available for 
the formation of oxide film is identical with that on 
which metal depositions take place. This un- 
certainty about surface areas is the main difficulty 
in the interpretation of results. 

There is comparatively little error in the actual 
measurements of potential and time; the experi- 
mental points in Fig. 5 do not represent the actual 
experimental errors, but have been enlarged for 
visibility, 

A possible source of errors in work of this type is 
oss of electricity in electrochemical processes other 
than that being studied. Under this heading come 
errors due to deposition of metallic impurities, or 
electrochemical reduction of other substances in 
‘olution, such as oxygen. A less obvious source of 
error is the use of electricity in the reduction of ad- 
‘orbed oxygen or similar films, or in the formation of 


ELECTROCHEMISTRY OF ELECTRODEPOSITED METALS 457 


adsorbed hydrogen films. These processes can be 
observed by charging curves taken in the absence of 
the metal to be deposited, but it is necessary to in- 
sure that the addition of metal does not affect the 
properties of any such films. This means that the 
most suitable potential range for following the 
deposition of a metal is that in which the only 
process, in the absence of the metal, is the charging 
of the electrical double layer of the interface. If 
local action currents exist at the surface of the basis 
metal, there may be a difference between the 
applied and true cathodic currents, but it is difficult 
to assess the possibility of appreciable errors from 
this effect. 


SUMMARY 


The results demonstrate clearly the following 
points. 

1. Deposition on an incompletely covered elec- 
trode can occur at a potential several tenths of a 
volt more noble than that calculated from the usual 
Nernst equation for the reversible electrode po- 
tential. 

2. The deposition of lead on gold and silver from 
a 0.1N NaOH solution shows that the “inert” 
electrode affects the potential at which deposition 
starts. On gold, the deposition starts 0.2 volt more 
noble than on silver. 

3. The curves for the deposition of lead on silver 
indicate how the nature of the surface and the oxide 
films affects the deposition. 

The results show that the nature of the deposition 
varies greatly with the metal being deposited. Thus, 
the method should be of great value in studying the 
fundamentals of electroplating and the effects of 
various addition agents employed by electroplaters 
to govern the nature of the deposit. 

From the detail of the deposition processes re- 
vealed by the method of charging curves, it is seen 
that the technique is superior to others for the 
study of the early stages of electrodeposition; be- 
sides it gives direct information as to the state of the 
electrode surface on which the deposition is occur- 
ring. 


ACKNOWLEDGMENTS 


The authors wish to thank Professor H. K. Worner 
for the laboratory facilities afforded to carry out this 
work. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1954 issue of the 
JOURNAL. 


REFERENCES 


1. A. Cocue, Compt. rend., 225, 936 (1947). 
2. A. OBERBECK, Wied. Ann, 31, 337 (1887). 
3. M. L. Nicnous, J. Am. Chem. Soc., 57, 267 (1935). 


953 
Lore 
key 4 
the 
nd 
the 
m 
rea Lite 
ver 
ved 
-08 
old y “06 
q; 
j 
= 
the 
4 
lar 
red 
red 
tal 
he 
ity 
on 
ym 
i= 
les 4, 
he yas 
1al 
on 
ln- 
his 
ads 


458 


4. F. P. Bowpen, Trans. Faraday Soc., 23, 571 (1927). 
5. L. B. Rogers anp A. F. Srenney, J. (and Trans.) 


Electrochem. Soc., 95, 25 (1949) ; 

L. B. Rocrers, D. P. Krause, J. C. Grress, anv D. B. 
EunrRunGerR, J. (and Trans.) Electrochem. Soc., 96, 
33 (1949); 

J. C. Grigess ano L. B. Rogers, J. (and Trans.) Electro- 
chem Soc., 96, 129 (1949); 

J. T. Byrne anv L. B. Rogers, J. Electrochem. Soc., 
98, 447 (1951); 

J. C. Griess, J. T. Byrne, anv L. B. Rocers, J. Elec- 
trochem. Soc., 98, 457 (1951); 

J. T. Byrne, L. B. RoGers, ano J. C. Grigss, J. 
Electrochem. Soc., 98, 452 (1951). 

. K. F. Herzrevp, Physik. Z., 18, 29 (1913). 

. F. P. Bowpen anv E. K. Ripeat, Proc. Roy. Soc. 

London, A120, 59 (1928). 

3. C. Waaner, J. Electrochem. Soc., 97, 71 (1950). 


JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


Octol 1952 


9. J. A. V. BurLer anv G. ArmstTRONG, Proc. R. 
London, A187, 604 (1932); 
A. StyGIN AND A. Frumkin, Acta Physicochi,. UR. 
S.S., 5, 829 (1936). 

. A. Hickuine, Trans. Faraday Soc., 41, 333 (1945). 

. B. Ersuier, Acta Physicochim. U.R.S.S., 7, 387 (1937 

. G. Armstrona, F. R. Himsworts, ano J. A. 
LER, Proc. Roy. Soc. London, A148, 89 (1933). 

3. G. Desporin anv B. Ersuier, Acta Physicochim. Up 
S.S., 18, 347 (1940). 

. W. M. Latimer, “‘The Oxidation States of the Ele. 
ments and Their Potentials in Aqueous Solutions.” 
Prentice-Hall, Inc., New York (1938). 

. J. Heyrovsky, Discussions Faraday Soc., No. 1, 2\2 
(1947). 

. A. Hickuine, Trans. Faraday Soc., 36, 364 (1940), 

L. Veserovsky, Acta Physicochim. U.R.S.S., 11, 
817 (1939). 

. O, Erpacuer, Z. physik. Chem., 168, 215 (1933). 


Sor 


TI 


Met 
over € 
effects 
condu 
elucid 
\gar 
series 
distril 
of the 
Wagn 
analy 
trians 
finite 
curre 
heen 
In 
it ha 
In th 
what 
equil 
along 
this 
curre 
Cases 


the 


trod 


| 
b> 1 
1 
l 
l 
6 1 
7 
BY. 
1 
| 
d at 
4 
] 
7) t 
» 


1952 


Soe 


Theory of the Effect of Electrode Resistance on Current 
Density Distribution in Electrolytic Cells’ 
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ABSTRACT 


The effect of ohmic resistance of electrodes on current density distribution is shown 
to depend on the magnitudes of certain dimensionless parameters. For plane parallel 
electrode systems, exact solution of the problem is obtained in terms of infinite series, 
which, however, converge rapidly enough to permit practical application. It is demon- 
strated that, for small interelectrode-electrode length ratio, the assumption of parallel 
flow is permissible, yielding a convenient expression in closed form for current density 
distribution, which contains only one parameter. 


INTRODUCTION 


Methods of predicting the distribution of current 
over electrode surfaces are of great interest in ap- 
lied electrochemistry. Qualitative principles of the 
effects of geometry, polarization, current efficiency, 
conductance, ete., on current distribution have been 
elucidated by Foerster (1), Gardam (2), Hoar and 
Agar (3), among others. Kasper (4) published a 
series of papers on the effect of geometry on current 
distribution, including the effect of polarization. 
Kasper’s contribution is distinguished by the use 
of the exact methods of mathematical physics. Later 
Wagner (5) presented an excellent mathematical 
analysis of current distributions on electrodes of 
triangular wave profile, and on plane electrodes of 
finite breadth. A eritical review of the literature on 
current distribution problems in electroplating has 
been presented by Kronsbein (6). 

In solving these mathematically complex problems 
it has been assumed that the electrodes are equi- 
potential, e.g., they are infinitely good conductors. 
in the following, an attempt is made to clarify under 
what conditions the electrode can be considered 
equipotential, and, where the variation of potential 
wlong the electrode is not negligible, what effect 
this boundary condition has on the distribution of 
‘urrent, Due to mathematical difficulties, only those 
‘tases where the current distribution is uniform in 
the absence of terminal effect” are considered. 


‘Manuseript received March 24, 1953. 

*The term “terminal effect”? has been used by Kasper 
*) to deseribe the nonequipotential condition of the elec- 
‘rode resulting from ohmie potential drop in the electrode. 
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DESCRIPTION OF THE MODEL 


Fig. 1 illustrates a pair of parallel plane electrodes, 
the edges being connected by insulating planes nor- 
mal to the electrode surfaces. This trough is filled 
with an electrolyte to level x 0. Clearly, this 
geometry corresponds to that of a linear conductor. 
The effect of finite electrode resistance on current 
distribution is considered for this particular cell 
geometry, assuming the following: 

1. The Ohm-Fourier law of conduction is obeyed. 

2. Both the electrodes and the electrolyte are 
homogeneous and isotropic conductors. 

3. The electrodes are uniformly thin sheets, the 
thickness being negligible. 

4. The discontinuity of potential at the electrode- 
solution interface (electrode potential) is a linear 
function of the current density (linear polarization). 

5. The current enters or leaves the system dis- 
tributed uniformly along lines AB and CD. 

The geometric model and the assumptions out- 
lined above imply that this is a two-dimensional 
problem. Since there is no dependence on 2z, it is 
possible to consider arbitrarily the section of the 


cell between the parallel planes z = 0 and z = 1. 
Symbols 
l = length of the electrode, cm. 
d = distance between the electrodes, cm. 


ro, Ta = resistance of a l-em wide section of the 
electrode at y = 0 and y = d, respectively, per unit 
length in the x direction, ohm. 


K = _ specific conductivity of electrolyte, 
ohm” 

ho, Ag = dimensionless parameter \y = 
Na = raKkl. 
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V(a, y) = value of the potential at (x, y) in the 
cell, volts. 
J(x, y) = value of the stream function at (z, y) 


in the cell, amp/cm. 

J; = total current between z = 0 and z = 1 em, 
amp/cm. 

i(x, 0), i(2, d) = current density at the y = 0 
and y = d electrodes, at x depth, amp/cm’. 

isye = average current density = J;/l, amp/cm’. 

E, = equilibrium single electrode potential, volts. 

AE, = polarization voltage, representing the 
departure of electrode potential from EF, , volts. 


TT. 


Fia. 1. The geometry of the model 


E.. = hypothetical’ single electrode potential, 
defined by E, + AE, = E. + b.i, volts. 
bo , ba = absolute values of the slopes of the single 
electrode potential vs. current density curves, 
assumed to be constants for the interval of current 
densities 7(0, y) to i(l, y) (corresponds to linear 
polarization), ohm em’. 
K-bo 
, Ha = dimensionless parameters, wo = 


* For a more detailed definition of the meaning of E., 
SE,, E., see Reference (5). 
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¢@ = dimensionless parameter, ¢ = — Ae 


MATHEMATICAL TREATMENT 


The problem of finding the distribution of eyy. 
rent in this cell is most conveniently solved py 
introducing the so-called (8) stream function ./ (x, y) 
The definition of /(z, y) can be given as follows: jj 
(m1, yi) and (22, ye) are parallel lines, the, 
J (x2, y2) — y:) is the current passing through 
an arbitrary surface through the two. In a mediup 
where no free charges exist, such as the electrolyte, 
the stream function satisfies Laplace’s equation: 


=) 
+ by? (] 


and the lines J = constant (streamlines) are orthog 

onal to the equipotential lines (V = constant). This 

orthogonality is expressed in the following relation 
between / and V in the electrolyte: 

6V 

kK 


—K — d 
bx by by bx 


(II 


Equation (II) also contains Ohm-Fourier’s law, 
according to which the current density and th: 
electrical field strength are proportional, with pro- 
portionality factor K. 

In order to complete the definition of the problem, 
the boundary conditions to which equation (I) is 
subjected must be specified. The boundary condi 
tions at x = 0 and x = l are very simple: these lines 
are also streamlines of the current. Since the stream 
function is determined only up to an additive con- 
stant, J = 0 may arbitrarily be set at x = 0. Let 
J, denote the total current entering the electrode 
at x = 0, y = 0; then this is the total current flowing 
across the electrolyte between x = 0 and zx = |. 
It follows that the value of the stream function at 
x = lis J,. This gives as the first set of boundary 
conditions: 


J(0, y) 
J(l, y) 


The boundary conditions at the electrodes » = () and 
y = d form the main difficulty of the problem. We 
shall treat at once the most general case of terminal 
effect and polarization at both electrodes (within 
the limitations set forth by the assumptions in the 
preceding section). 

The combined effect of equilibrium single elee- 
trode potential and polarization is a rapid change 
of potential across a thin layer adjacent to each 
electrode, from the value in the electrode to that 
in the electrolyte. To facilitate further develop- 
ments, imagine a plane in the electrolyte paralle! 


lA 


y<d (III) 


< < d, (IV 
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and immediately adjacent to each electrode. It is 
stomary to describe the position of the plane 
yjjacent to the electrode at y = 0 by y = 0+ and 
the position of the plane adjacent to the electrode 
sty = d by y =d-— 0. 

According to the assumption of linear polariza- 
ion, the value of the discontinuity of potential at 
wy point of either electrode is a constant, plus a 
term proportional to the normal component of the 
rrent density at that point. In the electrolyte, the 
urrent flows from y = 0 to y = d. Hence, at the 
dectrode y = 0: 


V(z,0) — V(x, 0+) = + by Ww) 


in which 0J(x, 0)/dx is the current density at any 
pint c on the electrode. 

The contribution of the terminal effect to the 
boundary conditions may be obtained as follows. 
The amount of current which has left the electrode 
aty = 0 between x = 0 and x = zg is J(z, 0) by 
lefinition of the stream function. Since the total 
uwrent entering the electrode is J, , the difference 
|, — J(x 0) flows down through the electrode at 
the point x. If the resistance of the electrode/cm 
ism), by Ohm’s law: 


6V(x, 0) _ — J(x,0)). 
bx 


(VI) 
| is important to remember that J has no discon- 
tinuities, so that J and its derivatives may be evalu- 
ied either at y = 0, or at y = 0+. 

The combined effect of polarization and terminal 
elect is obtained after differentiating equation (V) 
‘ith respect to x and substituting this derivative 
ito equation (VI): 

iV 
—ro(Ji — J) — bo 


bx? ’ 


y = 0+. (VII) 
‘ince y = O+ is in the electrolyte, equation (II) 
may be used to relate dV /dx to dJ/dy. From equa- 
tions (IT) and (VIL), 


iJ 
: = — mK(Ji — J) - boK ’ 


in Which again all terms may be evaluated at y = 0, 
due to the continuity of J. At the other electrode a 
‘milar condition is obtained: 


iJ 
iy = + J) + baK bx? 


y=0 (VIII) 


y=d. (IX) 


‘The assumption of linear polarization involves the sub- 
‘litution of the polarization voltage vs. current density 
curve by a straight line, for the interval of current densi- 
ies appearing in the problem. This approximation may 
ead to serious errors, if imax/tmin >> 1. A detailed discussion 
of the linear polarization assumption has been presented, 
‘mong others, by Wagner (5). 


Due to the relative complexity of the boundary 
conditions (VIII) and (IX), it has not been possible 
to obtain a solution in a closed form. However, since 
both the differential equation (I) and the boundary 
conditions (III), (IV), (VIII), and (IX) are linear 
in J and its derivatives, a solution in the form of an 
infinite series can be obtained. 

For the stream function the following series can 
be written: 


J(z,y) = Ji + > sin (ne7) 


n=l 


(X) 


5 
(4. Sh nxt + B, Ch ne | 

in which the coefficients A, and B, have to be de- 
termined from the boundary conditions. The first 
term on the right-hand side of (X), J.2/l, represents 
a uniform flow, with a density /,/l. This term would 
be the solution if there were no terminal effect. 
The polarization and terminal effects are embodied 
in the infinite series on the right-hand side of (X). 
It can be easily verified that (X) satisfies (I); in 
fact every term in (X) satisfies (1). The terms in 
the infinite series have been judiciously chosen such 
as to satisfy the boundary conditions (III) and (IV); 
in fact, each term in the series vanishes for x = 0 
and x = /. Of the boundary conditions still to be 
satisfied, consider (VIII) first. From (X) we obtain 
by differentiating the terms in the series one by one® 


nr x 
iy nd sin 


ey 


at y = 0 (XT) 


= —J; > (nx/l)*B, sin ne aty = 0. (XII) 


6x? n=l 


Substituting into (VIII) equations (XI) and (XII) 
together with the value of J at y = 0: 


2 
> kz ro KB, pe B. | 


n=l 
x 
(1 *) ° 


At this point, for convenience, the dimensionless quan- 
tities are introduced: 


(XIIT) 


zx 
sn = 


l 


Xo = ro Kl, Na = ra Kl, 


Ho l ? Ma l ° 


(XIV) 


After substitutions according to (XIV), equation 


5 The symbols Sh and Ch denote the hyperbolic sine and 
hyperbolic cosine, respectively. 

* The justification of this procedure depends on the uni- 
form convergence of the derived series (9). This behavior 
can be established after A, and B, have been evaluated. 
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(XIII) reads: 
[nw Ay — (Xo + 
n=l 


sin = (1 r) 


It is possible to develop 1 — 2/l into a Fourier 
series as follows: 


(XV) 


x » 


= p —sin ne, 


nel 


8 


and substituting this series into the right-hand side 
of (XV) the coefficients of sin nrx/l on both sides 
can be compared: 


2 
nx A No + wo) B (XVI) 
In a similar manner from (IX): 


nr (2. Sh nr + A, Chner 


+ (ry + pa) (4. Sh + B,Chnr (XVII) 


= — ha n=1,2,--- 


Equations (XVI) and (XVII) are solved now for 
A, and B, : 


l 
(XVID) 
— + ua) Ch ne 4 
2 1 
(XIX) 
‘Sh nr + nary Ch nx “| 
with the abbreviation: 
Ca = 
[Node (L + Nowa + + posal (XX) 


d 

Substitution of (XVIII) and (XIX) into equation 
(X) gives the current distribution in the electrolyte, 
which can be expressed in the form: 


J(iz,y) 


Sh [na + Ag) + (uo + Ch ne 


(XXI) 


+ nerd, + Ch nr 4] 


1953 


It is apparent that this expression is in) yj 
under the interchange of the subscripts 0 and d, an¢ 
simultaneous interchange of y and d — y, which 
reflects the irrelevance of the special choice of the 
coordinate system. 

Of special interest is the current distribution q 
the electrodes. At the electrode y = 0: 


J(z,0) («i *) 
= 7 + Sin 7 C, 


n=l 


ant 


+ + ua) Sh (XXII 


l 


+ Ch nr 


The current distribution at y = d is obtained 
from (XXII) by interchanging the subscripts 0 and ¢ 

The solution represented by equation (XXII 
simplifies considerably if polarization and termina 
effect are restricted to one electrode only. If Ay = 0) 
and bz = 0, we obtain for the y = 0 electrode: 


Jiz,0) (« 


won nx d 
ne + + i 
where Th denotes the hyperbolic tangent. 

The distribution at the y = d electrode is obtained 
if one divides the infinite series in (XXIII) term by 


J(z,d) _ 2 = 


term by Ch nr 


x l 
( 
+= Th ne x 
l 
Ch ne 


In the absence of polarization effects, and with 
terminal effect only at the y = 0 electrode, we 0b- 
tain from (XXIII): 


46,9 2, x 
+2 (sin xn 4) 


(XX\ 
nx + ne Thr 
1 
and at y = d 
J@,@) 
d | | (X XVI 
(«in ne i) 
nx + * Char- 
No l l 
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Simplified Treatment 


Assuming that the flow across the cell is uni- 
jirectional, i.e., J is independent of y, irrespective 
of the potential drop in the electrode in direction 2, 
the differential equation 

pe Wi — J(x)| 


dx’ 


(XXVII) 


with the boundary conditions: 


J(0) = 0 
(XXVIID 
= 
1.0 
a Vi 
06+ 
tino 
d 
Y 
Va Kq ~ O 
0 i l 1 1 
0 0.2 04 06 0.8 1.0 
x/2 


Fig. 2. The effect of \ on current distribution. The elec- 
trodes are far apart. [The effect of polarization is not con- 
sidered. Eleetrode at (d) is a good conductor.] 


vields the solution: 


sn 6(1-7) (XXIX) 
Ji Sh 


For the current density by differentiation of 
(XXIX): 


Sh@ 


(XXX) 


Solution (XXIX) does not satisfy the differential 
equation (I). However if d/l < 1 the streamlines 
should be very close to parallel, therefore (XXIX) 
may be a good approximation of the exact solution 
under these conditions. To investigate the limits of 
ipplicability, one can expand (X XIX) in a Fourier 


‘A similar solution for the current distribution in con- 
‘entric cylindrical electrode systems has been presented by 
Weisse erg and staff (10). 


series: 
J(x x — 2. 
J@) >, — an 


1+  (XXxI) 
0O<2<l 


For x/l not < 1, the number of terms in the series 
which contribute appreciably to the value of the 
series is not large. If d/l < 1, nad/l « 1 for all the 
terms that have to be considered. The quantities 
nrd/l, nry/l, and nx(d — y)/l appear as arguments 
of the hyperbolic sine and cosine. Under the above 
mentioned conditions, the Sh may be replaced by 


1.0 


loz 0.1 


0.5 


nm 


a 


x /2 


Fic. 3. The effect of \ on current distribution. The elec- 
trodes are close together. [The effect of polarization is not 
considered. Electrode at (d) is a good conductor.] 


its argument, and Ch by 1. Carrying out this ap- 
proximation, it can be shown that equation (XXIT) 
reduces to (XXXI), provided Ay» + Ag is not > 1 
and uo + ua is not > 1. Therefore, equation (XXX) 
may be used to calculate current density distribu- 
tions under these conditions. 


RECOMMENDATIONS FOR NUMERICAL SOLUTIONS 


Numerical solutions obtained for the purposes of 
illustration were restricted to cases where the elec- 
trode at y = d has no terminal effect and its polariza- 
tion is constant. This restriction was applied purely 
to shorten the time necessary for obtaining sufficient 
qualitative information about the behavior of the 
current distribution function. For d/l < 1, however, 
examples given here include the possible effect of 
polarization and terminal effect at both electrodes. 

The solution of differential equation (1) has been 
obtained in terms of the stream function. The deriva- 
tive of J(x, 0) or J(x, d) with respect to x gives the 
current density distribution at the respective elec- 


ch 
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trodes. Inspection of equation (XXII) reveals that 
the derived series converges much more slowly than 
the original series. For this reason some of the il- 
lustrative numerical solutions have been evaluated 


length dimension of the cell (for small d/l the cha. 
acteristic length is d, for d/l > 1 it is 1), unleg 
Xo > 1, the derived series obtained from ecuatioy, 
(XXII) will be dominated by a series in which th 
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1.0 
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0.2 0.4 


x/2h 
Fic. 6. Comparison of current distribution at the higt 
resistance (0) and low resistance (d) electrodes. The ele 
trodes are far apart. (Polarization effects are neglected 


Fic. 4. The effect of electrode separation on current 
distribution. [The effect of polarization is not considered. 
Electrode at (d) is a good conductor.]} 
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Fic. 5. Comparison of current distribution at the high 
resistance (0) and low resistance (d) electrodes. The elec- 
trodes are close together. (Polarization effects are neg- 
lected.) 


Fia. 7. The effect of electrode separation on current dis 
tribution. [The effect of polarization is not consideret 
Electrode at (d) is a good conductor.} 


terms are proportional to 1/n”, which assures rapid 
convergence. This property of the solution is & 
pecially clearly shown by equation (XXIII). The 
condition \y >> 1 is not anticipated to occur fre 
quently in practical problems. 

The values of the stream function in the absent 


in terms of the stream function. Graphical differen- 
tiation of these J(z, 0)/J(l) vs. 2/l curves can pro- 
vide reasonably correct current density distribution 
values. However, if the polarization term K(yuo + ua) 
is larger than, or comparable to, the characteristic 
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of polarization, and terminal effect at only y = 0, 
have been evaluated by using equation (XXV) 
Fig. 2, 3, 4, 5, and 6). For the region 0.1 < 2/1 < 1 
it was sufficient to consider only the first six terms 
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Fic. 8. Current density distribution as a function of ¢. 
\pproximate treatment. Polarization and terminal effect 
‘either or both electrodes.) 
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x/2 
Fic. 9. Comparison of the exact and approximate solu- 
tions. The eleetrodes are at medium distance. 


of the series. For x < 0.1, however, the convergence 
is very slow; therefore an approximate value of the 
‘ries was obtained by adding up the first 10 terms, 
ind replacing the remaining series by an integral, 
lor which the following approximate value was ob- 


tained: 


sin 107 
2Xo poh Ci (10% r) (XXXII) 
l l 


10x 


in which Ci denotes the cosine integral (11). 
For > smaller than approximately 1, and d/l > 
0.7 (Fig. 7) the series in equation (XXV) can be 


TABLE IL. Values of i(x)/isve as a function of the terminal 
effect parameter $, calculated from equation (XXX) 


1(x) /tavg 

02 | 0.4 0.6 0.8 1.0 1.2 
| 1.0133 | 1.0528 | 1.1173 1.2047 1.313 | 1.4394 
0.1 1.0095 | 1.0376 1.0831 1.1445 | 1.2194 | 1.3054 
0.2 | 1.0061 | 1.0241 | 1.053 | 1.0916 | 1.138 | 1.1903 
0.3 | 1.0031 | 1.0122 1.0268 | 1.0458 | 1.068 | 1.0923 
0.4 | 1.0005 1.002 | 1.0042 | 1.0066 1.0087 | 1.010 
0.5 0.9983 0.9934 | 0.9852 | 0.9738 | 0.9595 | 0.9424 
0.6 0.9965 0.9863 0.9697 | 0.9473 0.9199 | 0.8882 
0.7 | 0.9951 | 0.9808 | 0.9577 | 0.9268 | 0.8895 0.8470 
0.8 0.9941 | 0.9769 | 0.9492 | 0.9123 | 0.8680 0.8179 
0.9 | 0.9935 0.9746 | 0.9441 | 0.9037 | 0.8552 | 0.8007 


1.0 | 0.9933 0.9738 | 0.9424 | 0.9008 0.8509 | 0.7949 
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Fig. 10. Comparison of the exact and approximate solu- 
tions. The electrodes are close together. 


well approximated by: 


x 
n | (XXXII1) 
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The derived series, cos nrx/l is expressible 
in closed form (12), and this gives: 


——- = |] — —In(2sin--— (XXXIV) 
lave 21 
15 
*10 
Lay 
= 0.01 
= 0.01 
a= 0 
= x( Do + bg) 
05 i l i L i 
0 0.2 0.4 O06 08 1.0 


x/2 
Fic. 11. The effect of polarization on the current dis- 
tribution. (Approximate treatment. Polarization and ter- 
minal effect at either or both electrodes.) 
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Fic. 12. The effect of polarization on the current distri- 
bution. The electrodes are far apart. [No terminal effect 
and no polarization at the electrode at (d).| 


which for small 2/l simplifies to: 


9 
u(x, 0) 2Xo In (XXXV) 


The most important simplification in numerical 
problems can be realized in the region d/l < 0.05, 
and \% + Ay < 1. As shown in the previous section 


Oct. her 193 


by equations (XXII) and (XXXI) the as: umptiy 
of unidirectional flow becomes acceptable jy 4 
region; therefore, the very convenient clo-ed fon 
expression, equation (XXX), can be used to ae 
pute the current density distribution. Signific 
deviations from the results obtainable by equati 
(XXII) can only be anticipated in the reg) 
0 < x/l < 0.1. Even in this region the devia 
from the exact solution becomes negligible j 
bo + pwa/d is not K 1. Values of 7,/i,,, vs. x/l hy 
been calculated (Table 1) and plotted (Pig. 8) | 
@ = 0.2, 04, 0.6, 0.8, 1.0, and 1.2. Deviations }, 
tween the approximate solution and the exact so\y 
tion are illustrated by Fig. 9 and 10. 

The current distribution over the electrode , 
y = d which has no appreciable resistance ¢ay 
evaluated easily by the series solution (XXIV 
(XXVI). Convergence is much faster in this cas 
because of the Ch term in the denominator. Eq 
tion (XXVI) has been applied in evaluating || 
data for Fig. 5 and 6. 


DiscussION AND CONCLUSION 


The geometry chosen and the simplifying physi 
assumptions impose a restriction on the immediaig 
practical value of this mathematical treatme: 


24 
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t(x,0) 
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0 0.2 0.4 O6 0.8 
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Fig. 13. The effect of polarization on the current dis! 
bution. The electrodes are far apart. [No terminal efi 
and no polarization at the electrode at (d).| 


Nevertheless, useful deductions may be based ° 
the results presented, for models less well defi 


or involving more complicated boundary conditio™ 


As shown by the mathematical solutions, the ¢w’ 


rent density distribution at the electrodes depen 


on the magnitude of the terminal effect paramet 
\, of the ratio of electrode separation to electro’ 
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ength (//D), and of the ratio of electrolyte conduc- 
vity K times the polarization constant b to the 
haracteristic length dimension of the cell, which is 
jor 1. Inspection of the solutions [equations (X-XIT), 

XXIII), (XXV), and (XXX)] and evaluation of a 
urge number of numerical problems resulted in the 
following conclusions: 

(1) Dependence on ’s. The magnitude of these 
parameters increases with conductivity of the elec- 
volyte and with resistance of the electrode. Con- 
sequently, the nonuniformity of current density dis- 
‘ribution increases with increasing \’s. This fact is 
‘lustrated by Fig. 2, 3, and 8. 

(B) Dependence on electrode separation. Since the 
resistance of the electrolyte increases with separa- 
ion for any given electrode length /, a decrease in 
rerminal effect is anticipated with increasing inter- 
electrode distance for a given A» and I. For d/l 
smaller than approximately 0.05, the current dis- 
tribution becomes a unique function of the param- 
eter @ Numerical results show that 7(0)/i(l) < 
01, if @ < 0.1; therefore, this value of @ may be 
recommended as the lower limit for considering the 
elect at all. As d/l is increased beyond about 0.1, 
the validity of the approximate solution [equation 
XXX)| breaks down (Fig. 9 and 10). It is of in- 
terest to note that the distribution does not show a 
lependence on the separation if d/l is increased be- 
yond about 0.7. Beyond this distance ratio the elec- 
trode behaves as if it were not affected by the posi- 
tion of the opposite electrode. [The approximate 
wlution, (equation (XXX), predicts a continuous 
lecrease in nonuniformity with increasing d/l, with 
wiform distribution for d/l = «.| 

(‘) The effect of polarization is expected to de- 
rease the nonuniformity in current distribution 
aused by the terminal effect. As shown previously 
vy Kasper (5), Hoar and Agar (3), and particularly 
clearly by Wagner (6), not the absolute magnitude 
{ polarization voltage, but its rate of change with 
urrent density (characterized by b, the slope) 
should determine its effect on current distribution. 
More precisely the absolute magnitude of the param- 
elers « (defined under Symbols) should serve as an 
idication whether polarization effects are to be 
taken into account. This point is illustrated by Fig. 
‘9, and 11. For d/l < 1, the effect of polarization 
may be considered to be that of a resistor in series 
vith the electrolyte. In this region, polarization 
elects become appreciable if wo + ua is not much 
smaller than d/l, or in other words K(bp + bg) /d 


7 hot l. 


Equation (XXIID) indicates that, in the absence 
of polarization, at 2 = 0 (entrance line of current) 
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the current density is infinite. However, with polari- 
zation, the derived series converges even at x = 0 
(the terms being dominated by 1/n’). Therefore, 
with polarization, even at the entrance line of the 
current, the current density is finite (Fig. 12 and 
13). 

(D) Distribution over the “opposite” electrode. 
Equation (XXII) permits the evaluation of current 
distributions over both electrodes irrespective of 
whether either or both of the electrodes have appre- 
ciable resistances. Equations (XXIII) and (XXIV) 
are restricted to the case when the ‘“‘opposite’’ elec- 
trode is an infinitely good conductor. Since this case 
is of considerable practical importance, an investi- 
gation of the behavior of the current distribution 
function at the electrode at y = d is desirable. 
Equations (XXIV) and (X XVI) represent the stream 
function at y = d with Ay = O and bz = O. As can 
be expected, in both cases the current distribution 
is more uniform at y = d, than at y = 0. The cur- 
rent density is finite at the entrance line of current 
even in the absence of polarization (the derived 
series is dominated by 1/n Ch nx(d/l)). For 
d/l «1 the distribution may be considered to be 
identical to that at the y = 0 electrode. With in- 
creasing d/l for a fixed », the distribution at y 
= d becomes more and more uniform, attaining 
uniformity for d/l = «. It should be noted here 
that the approximate solution which is applicable 
only for d/l «< 1 fails to predict this behavior. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1954 issue of the 
JOURNAL. 
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Heats of Formation and Entropies of HS” and S~. Potential 


of Sulfide-Sulfur Couple’ 


J. W. Kury, A. J. Zreten, anp W. M. Latimer 


Department of Chemistry and Chemical Engineering and Radiation Laboratory, University of California, 
Berkeley, California 


ABSTRACT 


The heat of neutralization of H.S solutions by NaOH was measured at 25°C for vari- 
ous mole ratios of NaOH to H.S. These data, with the two dissociation constants of H.S, 
allow calculation of the free energies, heats of formation, and the partial molal en- 
tropies of S~ and HS~. The results for S and HS~ are, respectively: AF® = 20.6 and 3.00 
keal, AH® = 7.8 and —4.10 keal, and 8° = —4 and 15.0 entropy units (eu) The potential 
of the Sm — 8 couple is 0.447 volt. 


INTRODUCTION wool and, after appropriate dilution, was transferred 
immediately to a stoppered, waxed weight bure 
A weighed portion of this solution was then added 
to the sample bulb. The remainder was analyzed | 
adding a weighed amount of the solution to a know 
excess of standard HClO, and by titrating wit 
standard NaOH to the bromthymol blue end poin’ 
Tests on the calorimetric solutions with Ba(N0 
after several runs revealed only traces of carbonat 


The value of Sg- found in the National Bureau 

of Standards tables is 5 eu (1). This appears to be 

l considerably too positive for a monatomic, dinega- 
tive ion (2). The value is based on the second dis- 

sociation constant of H.S, K'', measured by Kubli 

(3), and on studies of the heat of H.S neutraliza- 

tion by several early investigators (4-6). Interpre- 

tation of the early thermal data is uncertain because 

of the high ionic strengths necessarily employed 


- TABLE I. Experimental results 
and a lack of reliable activity coefficients for 8 


(A = moles of H.S, B = moles of NaOH, C = moles 


and HS’. water in the calorimeter before breaking the sample bu 
K* has recently been determined spectrophoto- D = moles of water in sample bulb, Q = heat evolved 
metrically over a range of low ionic strengths (7). calories, and d = density of the resulting solution at 25" 
Thus it appeared desirable to utilize modern calori- in g/ml.) 
metric techniques for a study of the heat of neutrali- Run | AX10? BX 10 c DX 108 Q 
zation over a wide range of S” to HS” mole ratios. ions . 
One can then combine the results of such heat meas- — 60.68 | 13.21 
urements with the data of Konopik and Leberl (7) 
and obtain more reliable values for the thermo- 4 | 1.674 | 2.817 | 60.75 6.38 | 272.5 0.0" 
dynamic functions of S” and HS’. 5 1.716 | 3.793 | 61.24 8.62 | 321.2 0.47 
6 1.818 4.257 61.44 9.67 | 351.1 | 0.9% 
EXPERIMENTAL 7 | 1.522 | 5.345 | 60.83) 39.49 | 144.1 0.% 
The calorimeter used in this investigation has been 
previously described (8, 9). All heats were measured 10 | 1.550 | 8.128 | 61.12! 60.91 | 152.0. 1.0 
at 25.0° + 0.5°C and are reported in terms of the 11 1 


.216 8.640 60.77 64.69 125.9 | 1.00) 
defined calorie (1 cal = 4.1840 abs joules). The un- ' - . 


certainty in the measured heats is +0.3 cal. Sam- 
ples of concentrated NaOH solutions were contained 
in paraffin-coated, small glass bulbs, and were in- 
troduced into the calorimetric solutions by shatter- 
ing the bulbs with a glass rod. 

A 50 per cent stock solution of NaOH, prepared 
from Baker and Adamson reagent grade pellets, 
was filtered through glass wool to remove NasCQ; , 
and stored in a paraffin-coated container. Before 
each run, the NaOH was filtered again through glass 


An aqueous solution of H.S was prepared belor 
each run from purified (10), commercial grade Hs 
and a weighed amount of this solution was added | 
the calorimeter. After the calorimetric run, the 
sulting NasS-NaHS-NaOH solution was analyzed 
total sulfide iodimetrically (11). 

The density of the calorimetric solution—nece* 
sary for the calculation of the concentrations of 
species present—was measured immediately alte! 
each run with calibrated 25 and 50 ml pipets. 

1 Manuscript received April 7, 1953. The experimental results are presented in Table! 
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CALCULATIONS AND DISCUSSIONS 


The complete equation for the calorimetric reac- 
tion Is assumed to be: 


{HS + B OH” + (C + D) HO = (A — B) 
Ws 
(B — A — E) OH”. (1) 


Thus, to interpret properly the heat data it is 
necessary to know the concentrations of all species 
present after the reaction. Since there is a discrep- 
ancy in the Kt! values reported in the recent studies 
by Kubli (3), and Konopik and Leberl (7), the pH 
measurements of both authors were critically re-ex- 
amined. Both sets of data were found to be consis- 
tent upon eliminating Kubli’s assumption that ac- 
tivity of OH” equals concentration of OH”. All the 
data were placed on an extended Debye-Hiickel plot 


TABLE II. Experimental results 


- = moles of S™ present after reactions; Q’s are given 
in calories.) 


Run E X 10 Q’ Q” 
| 12.69 0.549 4.4 0.1 0.9 
2 12.68 0.642 90.2 0.1 1.1 
3 12.64 1.803 122.3 0.3 1.6 
12.62 2.382 135.7 0.4 
5 12.57 4.287 181.9 0.8 2.5 
6 12.54 5.250 204.2 1.0 2.8 
7 12.49 6.522 i.2 1.3 3.9 
Ss 12.40 9.261 26.0 2.0 5.5 
9 12.43 6.088 20.0 1.3 5.6 

10 12.36 9.749 24.5 2.2 6.8 
ll 12.35 8.193 | 26.0 1.9 7.8 


irom whieh it was possible to obtain a pK‘! (pK\ 
= —log K‘’) value for each calorimetric run. K‘! is 
not a true equilibrium constant, but a function of 
ionic strength, and is defined as: 


y+ (S~) 


Ky = (HS-) (11) 


where ( ) refers to moles/liter and ay+ = activity 
of 

Since the measurements of Kubli, and Konopik 
and Leberl were made at 20°C, it was necessary to 
convert their results to 25°C. The true equilibrium 
constant, is related to by: 


kU (III) 
Sus- 

where fs~ and fys- refer to the respective activity 

coefficients. Assuming AH* of the second dissocia- 

tion siep to be constant over the 5°C temperature 

range, one can calculate K' at 25°C from the 


van’t Hoff equation. Then, also assuming that the 
activity coefficient ratio is constant over the same 
temperature range, we are able to calculate K‘ at 
25°C (Table II). This calculation was done by suc- 
cessive approximations, using first the old heat 
data, and then correcting with that obtained in this 
work, 

To calculate the concentrations of all species 
present after reaction, we utilize equation (II), total 
sulfide concentration, initial NaOH concentration, 
and the following relationships: 


(Na*) = + + 2(87) (IV) 
1.008 x 10°" 
= V) 


The activity coefficients of OH’, fou-, were cal- 
culated from Kielland’s equation (12). These values 
were checked against the experimental mean activ- 
ity coefficients of NaOH (13) and gave very good 
agreement over the ionic strength range of our ex- 
periments (u = 0.01 to 0.09). 

To obtain standard state values, the experi- 
mentally observed heats were corrected to infinite 
dilution for all species. Utilizing the principle of 
ionic strength, we assume, for example, the heat of 
dilution of NaOH at u = 0.1 equals the heat of dilu- 
tion for 0.1M NaOH. Then neglecting the H.S heat 
of dilution, approximating that of NaHS as equal 
to that of NaOH, and that of NaS as equal to that 
of NaeSO,, we define: 


(’ = heat evolved for B moles NaOH in D moles of 


H.O to infinite dilution (VI) 

Q” = heat evolved for EF moles NaSO, in ionic 
strength y» to infinite dilution (VII) 

(”’ = heat evolved for (B — 2E) moles NaOH in 
ionie strength u to infinite dilution (VIII) 
(IX) 


The above dilution heats were obtained from the 
National Bureau of Standards tables for the heats of 
formation of NaOH and Na.SO, (1). For the more 
concentrated NaOH solutions, the heats of dilution 
were experimentally determined and were found 
consistent with those calculated from the Bureau 
of Standards data. The observed heats of formation 
for the concentrated solutions are: 


1 mole NaOH in 2.264 moles H.O 
1 mole NaOH in 2.256 moles H:O 


AH; = —107.409 keal 
AH; = —107.397 kcal 


In Table II are found the results of the above calcu- 
lations. 
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In order to obtain the standard heats of formation 
of and and AHijs-), we make use of 
the following equation: 


—Q'i= (A — E)AHfs- + FE AHS- + (A + 
—(A + E)AHOn- — A (X) 


Rearranging gives: 


ant ( = +AHw- (XI) 
A-E 
where: 
Q’ 0 ( A 


Thus, in Fig. 1, a plot of Y vs. E/(A — E) gives a 


= 
> or 
or = 
-2 Fr 
-4 
L i iL 
0.5 1.0 2.0 
A-E 


Fic. 1. Variation of the function of Y with the mole 
ratio of to HS~. 


straight line with slope equal to AHg- and intercept 
equal to . The values of AHf,s,,, AHon- 
and AHy,o (the standard heats of formation of 
HeSxq , OH’, and H.O) were obtained from Lati- 
mer (14). 

The values obtained above for AHg- and AHhs- 
along with K' and K' for HS allow a calculation 
of the remaining thermodynamic functions. We 
have taken K' = 1.02 10° [Kubli’s (3) value 
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corrected to 25°C] and K™ = 1.3 & 10°" (from th 
extrapolated value of pK\' at zero ionic strength 
corrected to 25°C) (3, 7). 

A summary of the results is presented in Tah) 
III. The limits of error are based on an estimate 
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TABLE IIL. Summary of results 


ES 
AFiccal 3.00 20.6 + 0.2 
AHkeal —4.10 + 0.08 7.8408 
Seu 15.0 + 0.4 —-4+3 
To 
poten 
uncertainty of 0.05 pA units in pk" and 0.1 pk trode: 
units in the extrapolated value, 
Using our value for AFs- , the potential of the HH joon 
sulfide-sulfur couple is: prod 
= 0447 + 0.004 vot 
struc 
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Electrodes of Mixed Manganese Dioxide and Oxyhydroxide' 


Technical Note 


Ricwarp JoHnson? anp W. C. VospurRGH 


Department of Chemistry, Duke University, Durham, North Carolina 


INTRODUCTION 


To explain the decrease in open circuit electrode 
potential of electrolytic manganese dioxide elec- 
vodes during discharge and the slowness of their 
recovery from polarization, the assumption has 
been made that a solid solution of the reaction 
product and the manganese dioxide is formed (1). 
To test this assumption, electrode systems were con- 
sructed of mixtures of manganese dioxide and 
manganese oxyhydroxide, and the electrode po- 
tential was found to vary with the composition of 
the solid mixture. 


EXPERIMENTAL 
Preparation of the Manganese Oxides 


\ previously described (2) precipitated manganese 
dioxide preparation (II-MnO.) was used for the 
electrode potential experiments. It was prepared by 
Jow addition of a permanganate solution to a 
solution of manganese (II) sulfate and sulfuric acid. 
lhe precipitate, when washed and dried at 90°C, 
give on analysis the manganese and available 
oxygen contents represented by the formula 
MnO; 97. Available oxygen was determined by the 
arsenite method (3), and total manganese by 
potentiometric titration with permanganate in a 
pyrophosphate solution (4). 

Manganese oxyhydroxide (MnOOH) was pre- 
pared by slow addition of ammonium persulfate 
solution to a solution containing manganese (II) 
sulfate, ammonium chloride, and enough ammonia 
‘to give a pH of about 8. The pH was maintained 
approximately constant during the reaction by 
addition of ammonia (5). The precipitate was dried 
at 90°C and analyzed as for the dioxide, the compo- 
sition being MnQy. 504. 


Mixed-Oxide Electrodes 


A series of electrodes was prepared using the pro- 
cedure previously described (2), but with mixtures 


'Manuseript received October 27, 1952. Part of a thesis 
submitted by Richard 8. Johnson in partial fulfillment of 
the requirements for the degree of Doctor of Philosophy at 
Duke | hiversity. 
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of Il-MnO. and oxyhydroxide. The two oxides in 
each mixture were weighed, mixed, and digested at 
room temperature for 24 hours with a solution of 1 
mole/liter ammonia and 0.1 mole/liter ammonium 
chloride. This digestion has been shown to improve 
the constancy and reproducibility of electrodes (2). 
The solution was then removed by filtration and the 
oxide mixture washed. with the electrolyte to be 
used. This was a solution of 2 moles/liter am- 
monium chloride and approximately 0.01 mole/liter 
ammonia, and had a pH of 7.5 as measured by a 
glass electrode and Beckman pH meter. Four 
electrodes were prepared from each oxide mixture. 
The compositions of the mixtures are given in 
Table I. 


TABLE I. Potentials of electrodes of mixed manganese 


E— 0.073 


har Ee Mole Ratio, R log R E, volts log R, volts 

100 14.0 1.146 0.500 0.416 
90.0 5.0 0.702 0.462 0.411 
69.6 1.75 0.243 0.442 0.424 
50.2 0.83 —( .084 0.407 0.413 
28.4 0.34 —0.472 0.382 0.416 
10.5 0.101 —1.00 0.342 0.415 


0 0 0.294 — 


Electrode potential measurements were made 
occasionally over a period of 50 days. The potentials 
of the mixture electrodes (all but the first and last 
groups) decreased by an average of 60 millivolts 
during the first five days, which is considerably more 
than the usual decrease of similar electrodes made 
from manganese dioxide only (2). During the next 
three weeks the electrodes rich in dioxide decreased 
about 10 millivolts, while those rich in lower oxide 
were much more nearly constant, or increased. The 
change was much slower during the remainder of 
the 50-day period, and the values at the end of 50 
days were accepted as a set of comparable values. 
The electrodes of the first group, containing none of 
the lower oxide, were constant after an initial de- 
crease of 20 millivolts. The average deviation of the 
four electrodes in a group varied from 2 to 8 milli- 
volts for the mixture electrodes and the pure oxy- 
hydroxide group, which is more than for similar 
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electrodes of manganese dioxide only (2). At the 
end of 50 days, the pH of the combined electrolyte 
of each group of four cells was measured. All elec- 
trolytes were close to pH 7.1, and no corrections for 
pu differences were considered necessary. 

It is worth noting that the electrodes made with 
the pure manganese oxyhydroxide were polarized so 
severely by small currents that it was necessary to 
use a vacuum-tube potentiometer for their measure- 
ment. This recalls the large polarization effect ob- 
served at the end of the discharge of electrolytic 
electrodes (1). 


DISCUSSION 


Table I gives the oxide compositions, in terms of 
weight per cent of the oxides actually used and as the 
calculated mole ratio, R, of dioxide to oxyhydroxide. 
In this calculation, Il-MnQO, was considered to be a 
mixture of the dioxide and the oxyhydroxide, in 
accordance with the analytical data. The corres- 
ponding values of the electrode potential, /, at 50 
days are given in the fourth column. In the fifth 
are the values of E£° in the equation 


E = E° + 0.073 log R (1) 


in which the coefficient 0.073 is empirical. The values 
of E° are in as good agreement as could be expected. 
It is not of first importance that the coefficient of 
og R is not 0.059, because R is a mole ratio rather 
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than an activity ratio. Also, there is some «loubt gy 
to the exact electrode reaction. However, the variatigy 
of £ with R shows that the two solid phases are pg 
independent of each other, but that the activity g 
at least one of them is affected by the presence ¢ 
the other as would be expected if solid solutions gy 
formed. Both £° and R may be expected to vary iy 
different manganese dioxide preparations. Evaluatig 
of the two should help to characterize a givg 
preparation. 
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